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ABSTRACT
The factors which are likely to contribute to 
discrepancies between theory and experiment for the 
behaviour of an electrolyte in a solvent are discussed.
The more important of these factors are likely to be the 
non-continuous nature of the solvent and the interaction 
between the ions and the solvent molecules..
The conductivity of silver nitrate in a variety
of organic solvents and binary solvent mixtures is measured
and values of and X determined.o
In pure acetone, silver nitrate behaves as an 
extremely weak electrolyte and strong acid-base forces 
are suggested as an explanation of this fact. In acetone 
solutions containing up to 50$ w/w of water and also 
containing smell additions of some pyridine-type bases 
and other organic compounds, anomalous behaviour is reported. 
Preferential solvation is considered to be partly responsible 
for the differences found between the conductivity of the 
electrolyte in these mixed solvents and that in pure acetone.
Both pure benzonitrile and benzonitrile-ethanol 
solutions were used as solvents end the results are compared 
with those obtained for the same electrolyte in other
solvents and binary solvent mixtures having the seme 
bulk dielectric constant. The results are explained 
in terms of specific ion-solvent interaction.
The conductivity of silver nitrate was further 
determined, in pure ethylene glycol end in binary mixtures - 
containing water over the complete solvent composition 
range and in ethylene glycol containing small additions 
of pyridine and quinoline. The results in pure ethylene 
glycol are found to be consistent with those in other 
ky&roxylic solvents and the bulk dielectric constant 
would appear to control the association-dissocietion 
processfor silver nitrate in this class of solvent.
No simple relationship holds, however, for the binary 
mixtures and preferential solvation is considered to be 
responsible for these differences.
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'general x m m m c T io ^
In general, the behaviour of a. given electrolyte 
in a given solvent is .predictable in that ion association 
increases as the dielectric constant decreases and the size 
of the solute ions decrease, while the mobility of the ions 
increases with, decrease in viscosity of the solvent and 
of the size of the ion* Above a certain value of the 
dielectric constant, ion. pairs become unstable and ion. 
association is negligible in such solutions (see eg. Dawson, 
Newell and Me&reeryj ref. 10?)#.
The underlying theoretical treatment is based on 
a model in which ions are approximated as spheres and the 
solvent as a continuous medium characterised by its bulk 
dielectric constant and viscosity. Thus, it is only to 
be expected that when experimental data for any specific 
system are examined, deviations from conformity to the ideal 
model are found which are characteristic of the particular 
system under investigation.
The main causes of non-ideality may be summarised
88 I*
(a) Ions not spherical,
(b) Solvent not a continuous medium,
(c) Interaction between ions end solvent molecules, 
and these will be considered in turn.
(a ) Ions not spherical*
The errors introduced into the interpretation of 
experimental results by assuming the ions to exist as 
charged spheres ere likely to be smell compared with the 
errors resulting from the other assumptions. By the 
choice of electrolyte, a good approximation to spherical 
ions can be obtained thus reducing this error to a minimum. 
Also, in most cases, the ion can be satisfactorily 
represented as a sphere in which the charge can be taken 
as a point charge situated at the centre or as a diffuse 
cloud of charge on the surface of the sphere (see eg*
Sa&ek and Fuoss; ref. 111).
<*) Solvent not a continuous medium*
In the conventional model, the solvent is considered 
to be a continuous medium which can be characterised 
electrostatically by its macroscopic dielectric constant 
and hydrodynamic ally by its macroscopic viscosity.
In many solutions this concept is a good approximation, 
but in other cases, calculations based on the model fail 
to reproduce experimental results and at present there 
appears to be no indication as to when the model is 
likely to fail.
As far back as 1925, Debye and Pauling (11) 
investigated the Influence of variation of dielectric 
constant on the limiting law for the activity coefficient 
In dilute solutions and concluded that changes in the 
dielectric constant in the immediate neighbourhood of the 
central ion would not effect the law*
Debye end Pauling proposed a model in which a 
centre! rigid spherical ion of radius r»a end of charge ze 
located at the centre of the ion, was surrounded by a 
spherical region, radius r*i^ > a, within which the dielectric 
constant was continuously varying, Outside this region, 
from r~R to r« oC> the dielectric constant was assumed to 
be constant* from this model and certain boundary 
conditions, an equation wee derived for the potential 
of the ion which reduced to the limiting law plus terms 
involving first and higher powers of the concentration.
This model was modified by Prank (67) who proposed an 
essociation-by-penetration model for the association 
process in solutions containing hydrated ions. This is
further discussed in the next sub-section*
In 1926, Webb (16, 17) deduced a relationship for 
the variation of the dielectric constant in the immediate
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neighbourhood of the ion end found that for aqueous solutions 
the dielectric constant decreased rapidly close to the ion.
More recently, Hasted, Kitson and Collie (79) have 
shown that in aqueous solutions, the dielectric constant is 
a. rapidly varying quantity et distances less than 4 % from 
an ion* It seems likely that in other solvents ©Iso, the 
presence of the ion will modify the nature of the solvent, 
with the result that the dielectric constant will he a 
varying quantity in the vicinity of the ion end it might 
he expected that results calculated using the hulk dielectric 
constant would he inconsistent with theory in some instances. 
The distance of closest approach of the ions as calculated 
from the dissociation constant is likely to be suspect on 
on this count unless this variation can be determined and 
so taken into account.
Norman and Garrett (76), in an investigation of the 
conductance of lead chloride in ethylene glycol-water 
mixtures, accounted for discrepancies between theory and 
experiment by the difference between the macroscopic and 
microscopic dielectric constant of the solutions. They 
calculated values for the microscopic dielectric constant 
on the basis of the Debye-Kuckel and Qasager theories and 
showed these were not consistent with the appropriate
-5-
mscroscopic dielectric constant though they do not comment 
further on these discrepancies* However, James (86) has 
criticised the interpretation of the experimental results 
on the assumption that the dissociation of the electrolyte 
is not complete and has shown that the data of Herman and 
Garrett can he given another explanation, and he.© postulated 
that the intermediate ion, FbCl*, is formed in solution*
In an earlier paper, Garrett and Vellanga (71) had suggested 
that 'the reduction in the value of the microscopic dielectric 
constant in the immediate neighbourhood of the ion below 
the value of the bulk dielectric constant of the mixture 
might facilitate the formation of triple-ions and postulated 
their existence for thallous chloride in aqueous ethylene 
glycol solutions in an attempt to account for a minimum in 
the value for the dissociation constant over the solvent 
mixture range studied*
Sadek end Fuoss (111), in an investigation into 
the effect of electrolyte-solvent interaction, found that 
the same electrolyte showed a different dissociation constant 
in different solvent mixtures having the seme dielectric 
constant and considered that a continuous medium described 
by a macroscopic dielectric constant was inadequate to 
represent these systems electrostatically. They went on
-6-
to show that the observed mobility also conflicted in many 
cases with the conclusion based on a continuous viscous 
medium as the model for the? solvent and found that where 
one might expect Walden*s product, A^ Yj , to be constant 
over a range of advent mixtures, this was by no means 
the case#
Walden*s Bale (6, 9) has been found only to apply 
with any degree of accuracy to large ions (mostly derivatives 
of £111* )# Walden used the variation of the product A^ Tj
in a number of solvents as a measure of the extent to which 
the ionic radius changed in the different solvents.
It is known that water possesses a type of crystalline 
structure (queei-crystalline) with which is associated its 
bulk viscosity and that in the neighbourhood of an ion, 
this structure is broken down (Bernal and Powler,* ref. 34,35)* 
The viscosity of the medium around an ion is therefore 
likely to be very different from the bulk viscosity#
There Is evidence that similar recurrent crystalline 
patterns, of the same type as those of which water is built 
up, may also occur in other solvents (2 5), and for © 
particular electrolyte and its ions, the viscosity of the 
medium in the immediate neighbourhood if an ion, would have 
some value other then the bulk viscosity, the letter being
-7-
the one need in TEelderfs equation and the Buie could not 
be applied with eccure’Gy.
It is thus evident that in the near- vicinity of 
an ion, both the dielectric constant and the viscosity 
of the solvent will probably be varying quantities, 
although the magnitude of these changes'is difficult
to assess*
i
i
(c) Interaction between ions and solvent molecules.
In any real system., the specific interaction 
between solute and solvent must ba: considered since this 
will be a major cause of failure of the theoretical model*
In general, this interaction may be either in the 
fora of stoichiometric complexes, or loose aggregates in 
which en ion simply drags with itself a number of solvent 
molecules by ion-dipole attraction, although it is equally 
possible for it to be a combination of both these effects.
The size of the sphere obtained from calculations 
based on Stokes tew, assuming the law to hold for ionic 
particles, would then vary from solvent to solvent 
depending on the effective size of the solvated ion and
this would result in a variation of the Walden product,
, with solvent. Similarly, the size of the
electrostatically equivalent sphere (as calculated from
the dissociation constant using the B jerrum theory) should
vary from solvent to solvent if solvation is selective*
The size of the hydrodynamically and electrostatically
equivalent spheres will not agree numerically, however,
and will certainly differ if solute molecules e re  e x p e lle d
on the formation of iom-pairs*
Many theories have been advanced as to the exact
nature of the solvated ion, especially in aqueous solutions,
and it has been suggested by some worker© that ions may
be solvated by a permanent sheath of solvent molecules
fh e.
which move wlth^ion. From the result of X-ray diffraction 
experiments, water appears to have a modified quartz-like 
structure and following this view of the structure of 
water, Bernal end Fowler (34, 35) developed a theory of 
ionic solutions which supposed that in the neighbourhood, 
of an ion, the water structure wes broken down so that the 
solvent here had abnormal physical properties. There 
would be, therefore, © critical radius round the ion 
within w.hich the solvent molecules would no longer be held
~9~
and oriented by their own dipole attractions, but would be 
united with the ion• The number of water molecules held 
in this permanent manner round an ion will depend to some 
extent on the sterie conditions regulated by the size of the 
ion, whereas the dipole-associated water molecules outside 
this sheath may be replaced by molecules from the water 
structure itself at each stage of the io n 's  progress 
through the solvent,
Bockris (82 ) has suggested that the term "primary 
solvation" be used to refer to the solvent molecules near 
to bix ion which move as one entity with the ion during its 
Brownian movement# Hie term "secondary, solvation" is 
then used to refer to the solvent molecules not included 
in the primary solvation but which undergo electrostatic 
interaction with the primary solvated ion*
Though this is the picture presented for the nature 
of solvation by water molecules, it seems likely that 
similar crystalline forms may exist in other polar solvents 
and that primary solvation and secondary solvation may, in 
general, occur in the manner described above.
Prank (67) has taken the Bebye-Pauling model and 
used it to investigate the deviations from the limiting law
-10-
of Debye and H&ckel • He concluded that if hydrated ions 
consist of impenetrable spheres, then positive deviation 
from theory will take place. If, however, the ions ere 
solvated and can penetrate the solvation shells of the 
oppositely charged ions, the theory can be made to conform 
to experiment.
Gurney (102) has also criticised the view that a 
solvated Ion can be considered as a sphere, within which 
the solvent molecules ere firmly attached to the ion and 
considers that the terra "solvation" should apply to the 
total interaction between the ion and the solvent. It is 
sufficient to say that there ere few? cases where the inner 
sheath of solvent molecules is permanent in a long term 
sense and the solvent molecules are firmly attached to 
the ion, possibly by co-ordinate links (Hunt and Taube 90,93)* 
However, in the majority of cases, this is not the situation 
end the total interaction between the ions end the solvent 
must be considered.
Tills has, in part, been done by Azzem (105) in a 
theoretical treatment of solvation. As well as considering 
the forces involved between the ions and the solvent molecules 
in the primary solvation shell, he tools: into account the
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forees involved between the solvent molecules themselves 
and concluded that, in the case of water, only those 
solvent molecules in the first layer next to the ion 
ere fixed in any way to the central ion. further , he 
showed that permanent solvation of this type will only 
occur when the radius of the cation is less than 1.7 2 
and that of the anion is less than 2.1 2. He pointed 
out that the variation of dielectric constant near to the 
ion will be an important factor in the consideration of 
solvation and used the function of Webb (16, 17) for the 
relationship between the distance from the central ion 
end the effective dielectric constant.
In an investigation into the behaviour of silver 
nitrate in various mixed solvents over the complete 
solvent range, Griffiths (108) found that the mixtures 
studied fell into two general groups, one group being 
those solvent mixtures containing pyridine as one component. 
In these latter mixtures, it was noted that the initial 
addition of pyridine to en aqueous solution resulted in 
a sharp drop in the equivalent conductance of a 0.0005M 
silver nitrate solution corrected for viscosity changes.
This was attributed to the formation of a complex cation
-12-
of reduced mobility and that once this change had taken 
was
place there^little further change in the viscosity-corrected 
conductance.( Atj /ij^  )
In ethanolic solutions, the situation appeared to 
be more complex as the addition of pyridine resulted In an
increase in ATj /r^ • This was accounted f o r  on the
grounds that though an ion of reduced mobility was formed, 
an increase in the dissociation of the electrolyte was 
acting in the opposite sense, thus more than nullifying 
the mobility effect. Once the dissociation was complete, 
the conductivity remained a function of the fluidity of 
the medium.
The other group, in which were found aqueous ethanol,
dioxen, and acetone, showed a common feature in that e
maximum in AjQ occured at approximately 10 mol./ of
organic solvent followed by a smooth fall over the remainder 
of the solvent composition range. This initial rise had 
also been observed for potassium iodide end lithium chloride 
(see Connell, Hamilton end Butler; ref. 50) and cannot be 
due to an increase in the dissociation since this is already 
complete for these solutes in water, Griffith^ suggested 
that the explanation lies in a change in the ionic mobility
-13-
of a kind which is not a function of the fluidity of the 
bulk medium. This he puts down to a variable solvent 
sheath, being predominantly aqueous in the proximity of 
the ion, due to preferential solvation of the cation 
with water molecules, and followed by regions where the 
concentration of organic solvent increases until the bulk 
composition is reached. The effective viscosity would 
not be that of the bulk solution but would be that of an 
intermediate, more aqueous, solution and this was shown to 
account for the observed results., It might also be 
expected that the dielectric constant would very from that 
of the more aqueous solution near to the ion to that of 
the bulk solution and this effect might be shown up in 
the value of the dissociation constant for the electrolyte 
in these solutions.
As a result of an investigation into the effect 
of the solvent on the ion-asseolation process, Sadek and 
Fuoss (112 ) proposed a tentative solution to the problem 
involving the breakdown of the solvent structure round 
the ion. According to them, the formation of an ion-pair 
can be described by the approach of two ions through the 
solvent until only one solvent molecule separates them.
-14-
This is then followed by a further discrete step in v/hieh 
the solvent molecule is expelled. It was pointed out 
that in this process, the dielectric constant would very 
from the bulk value to the electrical saturation value as 
the two ions approached. Grunweld (109) has discussed 
the fact that the removal of the single solvate molecule 
from the ion-pair will need very considerable energy.
He pointed out that in polar solvents, the ions will 
exist with a solvation shell, the radius of which has 
been estimated to be about 5 2 for typical univalent 
ions (see Barcerella, finch and Gfrunweld; ref. 114). 
fhus, when the inter-ionic distance is less than lo2, the 
solvation shells will overlap at the expense of solvation 
energy, since solvent molecules are set free. This 
energy change may well go to offset the effect of changing 
dielectric constant near to the ion due to electrical 
saturation, though the net effect is difficult to predict.
Summarised, the major errors likely to occur in 
the interpretation of experimental results by any theory 
based on the so-called * sphere-in-coutinuum” model are 
mainly due to the non-continuous nature of the solvent
•15-
medium and the solvation of the ions by solvent molecules* 
The foamier will fce shown by inconsistencies in the distance 
of closest approach of the ions as calculated from the 
dissociation constant and by the failure of Walden's Sole, 
while the extent of solvation will be indicated by a 
comparison of the sizes of the bydrodynamicelly and 
electrostatically equivalent spheres* Also, it would 
appear that variation of the dissociation constant would be 
influenced by changes in the extent of solvation of the 
solute ions as well as by the nature of the linkage 
involved in the association process*
the present investigation was designed to furnish 
further information regarding the behaviour of uni-univalent 
electrolytes in organic and mixed solvents end to supply 
evidence for the modem theories of the behaviour of sn 
electrolyte in solution. It was considered that if the 
conductivity of an electrolyte were to be determined in © 
number of solvents and solvent mixtures possessing varying 
properties with respect to the electrolyte, then useful 
information might be obtained regarding the various effects 
taking place in such solutions. for this purpose,
silver nitrate was chosen as the electrolyte since it 
is reasonably soluble in & variety of organic solvents 
and it is known that the silver ion interacts strongly 
with certain organic molecules.
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§( i) Measurement of Resistance
(a) Description of the Bridge 
The conventional Wheatstone Bridge method was 
employed for the measurement of resistance (fig 1).
A straight metre wire, eh, of total resistance 
about 10 ohms with end resistances r^ and r^  , each of 
45 ohms, provided the ratio arms of the bridge. One 
of the resistances, r^ , could be shorted out when 
measuring resistances greater than 10,000 ohms#
The sliding contact, c, consisted of a glass 
block across the face of which was secured a thin wire 
and which rested at rightangles to the bridge wire.
In this way, the position of contact could be read through 
the glass to 0.2 mm and could fee reproduced to C#4 mm#
The variable resistance, X, was a Sullivan non­
reactive decade resistance box of 0.1$ grade, having a 
total resistance of 11,111.1 ohms in 0#01 ohm stages and 
was calibrated against a box which had been calibrated by 
the National Physical laboratory. In later work, a
single decade resistance box with total resistance of
100,000 ohms in 10,000 ohm stages was placed in series with 
this box thereby increasing the working range of the bridge.
In parallel with X was a. variable, stable mica, 
condenser, M, having a continuous range up to O.lyuf to 
compensate for bridge and cell capacities. Under certain 
circumstances it was found that it was necessary to place 
a variable condenser of maximum capacitance 0.005 
across the cell to balance out the residual capacity of 
the box M*
The oscillator end detector were incorporated in 
one instrument supplied by Airmeo Laboratories Ltd. In 
this instrument, a Hartley oscillator provided an output 
voltage of good sine-wave form at a frequency of 1,500 cycles 
per second. The detector unit consisted of a two-stage 
amplifier, the e.lternatiT>§ output from which was fed to 
a telephone Jack so that earphones could be used for 
maximum sensitivity and the rectified output operated a 
null-reeding microammeter. For most purposes, it was 
found that sufficient accuracy could be obtained using 
the visual detector. The oscillator output lead was 
unscreened flex but the amplifier input lead was screened.
Farthing of the bridge was found to be unnecessary•
A reversing switch mode it possible to interchange 
the position of the cell and the resistance box X with 
respect to the bridge wire, thus minimising end errors.
Ill connections were made using heavy gauge copper wire, 
the resistance of which was neglected. Connections to 
the cell were made through mercury cups immersed in the 
thermostat, thus preventing any thermoelectric IMF’s.
(b) Use of the Bridge for measurements
up to 10.000 ohms.
The electrical centre of the bridge wire was 
determined each time a resistance was measured. By 
adjustment of X e balance was obtained near the geometric 
centre of the wire and the cell and resistance box X were 
then reversed. Leaving the resistance X unchanged, 
a new balance wee found by altering the position of the 
slide contact. The contact was then placed at the mean 
of these two positions and a balance again obtained by 
adjusting X. This procedure was repeated until the 
two positions of the contact coincided. The resistance 
of the cell was then read off directly from the box X.
- 2 0 -
In later work a decede box of total resistance
100.000 ohms was pieced in series with the 10,000 ohm box 
thus increasing the range of the bridge to 110,000 ohms,
(e) Use of the Bridge for measurements
for measurements of resistance greater than
10.000 ohms (or later 110,000 ohms), the resistance r^  
was shorted out and the bridge calibrated as follows.
A resistance box R, calibrated by the b.P.L., was 
placed in the position of the cell and various resistance 
ratios, X/R, were obtained. For each ratio, a balance 
point was determined on the bridge wire and the ratios 
were so adjusted to obtain balance points over the entire 
length of the bridge wire, A graph of I / R  against L 
(bridge reading) was found to be a straight line over the 
range L=20 to L=80 and the slope and intercept were 
obtained by the method of least squares. The resistance
R, to be measured, was then given bys-
1 * MU + c
R X
where M and c were constant©.
By this means it was possible to measure resistances
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up to 5 x 10" ohms to an accuracy of 0*1$. With the 
cells used, the constants were of such an order that it 
was normally only necessary to use the bridge in this way 
for solvent conductivities*
§(ii) Conductivity Cells*
The following cells were used in the experimental 
work to be described*
Cell X For the majority of the measurements, 
a cell of the Hartley-Barrett type (10) was used, and is 
shown diagrams!ically in fig 2a* The body of the cell 
was made of transparent silica and the cap end electrode 
supports of borosilicate glass* The electrodes were made 
of stout platinum coated with grey platinum, held apart 
by glass spacers which were fixed through small holes in 
the corners of the electrodes* By this arrangement, 
no change in the cell constant was detected over long 
periods of use. The BIO joint in the cap allowed 
electrolyte solution to be added with a minimum of 
contamination from the atmosphere end the tap allowed the 
passage of a stream of pure nitrogen through the cell 
when this was required. The capacity of the cell 
was about 500 ml.
p „
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Cell II for experiments where the solvent was 
only available in small quantities, a smaller cell was 
used of about 120 ml capacity, This was similar in 
design to that described above and is shown in fig 2b,
§(lii) Cleaning of Apparatus.
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It was necessary to use cleaning agents which 
removed ell traces of grease and organic compounds without 
leaving any adsorbed materiel on the cleaned surface.
The products of the reaction between concentrated nitric 
acid and ethanol was found to be most effective. Glass 
apparatus was cleaned as follows.
The apparatus was first swilled out with ethanol, 
the majority of which was drained sway. Concentrated 
nitric acid was then added and the so-called Hilditch 
reaction allowed to take place. This treatment was followed 
by rinsing with hot water end then with conductivity water. 
Conductivity cells were then soaked for long periods in 
conductivity water before finally rinsing in fresh 
conductivity water and drying in an air oven at 120°C.
It was found that, by drying the electrodes and cell in 
this way, no change occured in the value t f  the cell constant, 
After washing v/ith hot wmster, other apparatus wss steamed
with the steam from distilled water for about 45 minutes 
and finally rinsed several times with conductivity water 
before drying in the air oven.
§(iv) Determination of Cell Constant.
Both the cells used in this work were standardised 
periodically by a *dilution run* method.
The cell, blown out with dry nitrogen, was filled 
with a weighed amount of good quality conductivity water 
and brought up to temperature in the oil thermostat*
The cell was frequently shaken until the resistance remained 
constant, indicating that thermal equilibrium had been 
attained. It was found that there was no further 
appreciable change in the water resistance for periods 
up to 6 hours, and it was assumed that the solvent conduct­
ivity remained constant over the duration of e. run.
This solvent conductivity was subtracted from the subsequent 
conductivity measurements, thus applying a normal solvent 
correction, A stock solution of approximately 0,1 I 
potassium chloride was accurately prepared by the general 
method described in the next section. Small quantities 
(about 0.5 gm) were added to the cell by means of e 
weight burette and the conductivity measured each time
after shaking the cell to ensure complete mixing.
By this method a series of measurements were made extend­
ing over the concentration range which would correspond 
to the range for which the cell was to he used. The 
cell constant was determined by comparing each measured 
value with the value of Shedlovsky (33 ) at the seme concen­
tration, as calculated from the interpolation formula!-
A « 149.92 - 93.3575“ + 50C (ref 57)
which agrees with the data of Shedlovsky (corrected to the 
Jones 'and Bradshaw standard) to an average deviation of 
0,03 conductivity units. Hence, the cell constant ( X )
was given by i -
X  * C A
1 , 0 0 0  ( 3 / H  - 3 / R * )
wheret- .
C * concentration of solution (molarity)
A « equivalent conductivity of solution.
B = measured resistance of solution,
X? as measured resistance of water.V
The value obtained for the cell constant was found to be 
independent of concentration over the working range end 
was also found to be independent of the quality of the
en
L l
"0
i
-25-
conductivity water over the range from 0.2 x 1 0 ohms’"1 
to 7.0 x 10 v ohms .
Cell constants were checked using benzoic acid 
solutions as suggested by Ives and Semes (68) and values 
obtained were in good agreement with those found using 
potassium chloride as the electrolyte.
I(v) Technique used for Eamerimentel "Runs".
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(a) Dilution * runs" with pure solvents.
Before use, the cell was 
cleaned, dried, blown out with dry nitrogen, and filled 
with a weighed amount of the pure solvent. The method 
of filling was dependant on the type of solvent used. 
Conductivity Water* In the case of water, the weighed 
cell was directly filled from the conductivity water 
column- by means of an adapter consisting of a B7 joint, 
at the end of which was attached © drawn out glass tube. 
After being filled, the cell we.s re-wei^ied.
Bure Acetone. In order to ©void contamination from 
the atmosphere, the acetone was fractionated ©s required 
directly into a "transfer vessel" (see fig 3b ) by attaching 
the B7 socket, b, to a corresponding cone on the fraction­
ating column. The acetone was then transfered to the
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cell by introducing the limb, c, into the cell end then 
applying a pressure of dry nitrogen to the joint a* 
Benzonitrile and Ethylene Glycol. These solvents were 
Introduced directly to the weighed cell from the flasks 
into which they had been distilled and the cell was then 
r©-weighed.
Preparing the stock solution. The electrolyte 
we© weighed out in a small tube on a micro balance and 
introduced into a weighed standard flask containing the 
pure solvent and from a knowledge of the density of the 
solution, the molarity could be calculated. Since 
Grindley and Davies (24) have shown that the addition 
of up to 10 gm of conductivity water saturated v/ith 
carbon dioxide at its normal partial pressure, ie., 
"equilibrium water", would cause no appreciable change 
in the conductivity of 300 ccs of water of specific 
conductivity 0.3 gemmhos, no particular precautions were 
taken to exclude carbon dioxide when making up aqueous 
stock solution#. Cere was, however, taken to exclude 
moisture in the case of organic solvents and a "blowing- 
over1* technique was used to minimise contamination from 
the atmosphere.
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Special care was required with acetone where the 
solubility of the electrolyte was found to be very low* 
Hence, the stock solution was made up in the "transfer 
vessel" mentioned above* A small quantity of pure 
solvent was left in the vessel after filling the cell and 
the electrolyte was added in a small weighed tube via the 
B24 joint. Good mixing was obtained by continual swirling 
and the solution was then transferal to the "weight flask" 
(fig 3b) by applying a pressure of dry nitrogen at a.
The addition of stock solution to the cell.
This was normally carried out using a weight burette by 
which means ©mall quantities (about 0.5 gm) of the stock 
solution could be added to the solvent in the cell through 
the BIO joint in the-cap. The weight burette could be 
weighed accurately and rapidly and wan also kept seeled 
from the atmosphere, thus minimising any errors due to 
evaporation or contamination.
lith acetone, where the stock solution could not 
be made as strong as with the other solvents, relatively 
large quantities had td be added to the cell and this was 
done using the "weight flask" (see fig 3b) which was filled 
through the eidearm, x, this being closed immediately.
By applying a pressure of dry nitrogen to y, the solution
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could be blown over to the cell by Inserting z into the 
cell through the BIO joint in the cap. The capacity 
of the "weight flask" was about 50 ces end quantities of 
the order of 2 cos were accurately added by this method*
Measurement of resistance of the solution*
The cell containing the pure solvent was placed in the 
oil thermostat and carefully shaken at intervals until it 
reached the thermostat temperature. This was indicated 
by a constant value for the resistance over a period of 
time and this resistance was taken to be the resistance of 
the pure solvent and was applied as a solvent correction 
to subsequent measurements.
Small quantities of stock solution were then added 
and after each addition the cell was thoroughly shaken to 
ensure perfect mixing and the resistance measured. The 
cell was again shaken and the resistance re-measured and 
this procedure was repeated until a constant value was 
obtained.
The leads from the cell to the bridge were removed 
after each reading to avoid ©ny heating effect caused by 
a current passing whilst the bridge was out of balance.
From a knowledge of the strength of the stock 
solution and the amount added to the cell, the concentration
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of the solution in the cell could be calculated and the 
equivalent conductivity was then obtained fromt-
A . 1.000 ?f ( 1/R - V H a )
c
wheret- $ » cell constant.
C « concentration of solution (molarity).
H « measured resistance of solution*
R^ ss measured resistance of solvent.
(b) Dilution “runs* with mixed solvents.
Preparation of the mixed solvent. In preparing
the solvent mixture to be used, the transfer vessel was 
used in the following manner.
The vessel was first weighed empty and a known 
weight of one of the pure solvent constituents was introduced 
into the flask. The required quantity of the other 
solvent was then calculated and added to the flask, until 
the mixture had reached the required composition. The 
solution was then thoroughly mixed end the subsequent 
technique employed was a® previously described for 
dilution nuns for pure solvents.
In weighing out the small quantities of one of
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the solTents, es, for example, In the case of 0.1$ w/w 
pyridine solutions, a weight burette was used which was 
weighed accurately before end after delivery.
§(vi) Temperature Control.
The cell was supported in a brass frame in a 
thermostat bath filled with transformer oil as it has 
been shown by Jones and Josephs (22) that the use of 
water as the thermostat liquid may cause serious errors 
due to capacity effects..
Efficient stirring was obtained by using an 
electrically driven padclle system.
A toluene-mercury regulator operated a filament 
heating lamp through a Sunvie relay and the temperature 
of the bath was maintained at 25 £ 0.0C5°C.
A Beckmann thermometer was kept in the bath and was 
periodically checked against an K.P.L# calibrated 
thermometer. Kb variation in temperature could be 
detected between different ooints in the bath.
The thermostat bath was surrounded by a large 
v/ooden box which was maintained at a temperature ;just 
below that of the thermostat, thus preventing excessive 
condensation of solvent vapour on the exposed cap of the 
cell, end the subsequent concentration errors.
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§( vli ) Weight Measurements.
Three balances were used in the course of the works-
1. Pop loads up to 5 ms. A gtanton Aperiodic
mierobslance, sensitive to 0.005 mga.
2* kor loads ur> to 150 ms. A Stanton Aperiodic 
analytical balance, sensitive to 0.1 mgtn*
3* For loads up to 1 An Oertling balance,
sensitive to 0.01 gm.
Hie weights used were calibrated by the method of 
Hichards (3) and the weights on the Aperiodic balances 
were directly compared with a calibrated box of analytical 
weights. All weighings were vacuum-corrected.
-ooooGoooo-
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PR3TARATIQST AID gffBIg ICAIIOK Off MATERIALS
8(1) Conductivity Water.
Good quality conductivity water was prepared "by 
passing distilled water slowly through a column packed 
with about 150 gms of a mixture of anion- and cation- 
exchange resins, supplied by The Permutit Co., Ltd*, under 
the name of "Bio-Deminrolit*’ • The apparatus used is 
shown in fig 4 and consisted of a column of glass about 
20 cm long, having a course sintered-glass disc sealed in 
at the lower end. Below this disc was a pair of platinunf' 
electrodes used to determine the conductivity of the 
effluent water, and also serving to indicate when the 
resin was exhausted. It was found that approximately 
25 litres could be passed through before the conductivity 
of the water rose above 0.4 gemmhos.
A B7 cone was used to attach apparatus directly to 
the column thus making it possible to obtain the water of 
conductivity less than 0*2 gemmhos.
Several litres obtained from this column were 
evaporated to dryness and no residue was detected.
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It has also been shown (Benton 99) that conductivity 
water obtained from a conventional Bourdillon still and from 
an ion-excliange resin gave the seme conductivity results 
within experimental error.
(a ) Acetone. Commercial acetone was fractionally 
distilled using an all-glass, 60 cm long fraotionating 
column of about 20 theoretical plates. The middle fraction 
was refluxed with potassium permanganate until the colour 
remained unchanged, distilled, and dried over anhydrous 
potassium carbonate until required, usually only a matter 
of a few days.
The dried acetone was then fractionally distilled 
directly in to the * transfer vessel” using the long column, 
carefully regulating the fractionation by means of an 
electrically heated water-bath. Care was taken to 
exclude ell moisture, the appatatus being protected by 
drying tubes*
Karl ffischer determinations (80) of the moisture 
content were made and for the specimens used for the pure 
acetone runs, a zero water value was obtained within the 
limits of experimental error. An adsorption peak at
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2746-2743 £ was obtained for a sample of the acetone, using 
a Uni cam S.P. 500, photoelectric spectrophotometer.
Boiling point........... 56.25°C at 760 ram.
-.1Specific conductivity.... 0.02-0.04 x 10~ ohms
(b) pyridine. "AnalsB" quality phridine was 
fractionated using an all-glass, 40 cm fractionating 
column of about 15 theoretical plates, the fraotion 
boiling between 113° and 116°C being collected. The 
pyridine was then refluxed with alkaline potassium 
permanganate, tried over BaO freshly prepared by igniting 
the peroxide in a muffle furnace, and finally fractionated 
twice before being sealed under nitrogen in glass ampoules.
Boiling point.    114*7°C at 760 mm.
Kefmotive Index........... 1.5092 at 20°C.
(c) ^ ‘-nicoline. ffi-nicoline, ^-nicoline.
^-collidine end quinoline.
Good quality *laboratory reagent* compounds were 
distilled under reduced pressure {about 20 mm), dried with 
freshly prepared BaO, twice distilled and finally sealed 
in glass ampoules under nitrogen.
All distillations were carried out under a stream
B.pt • 130°C. R e f. Index 1.5008
B#pt. 144°C Ref. Index 1.5053
B.pt. 143°C Ref. Index 1.5052
B.pt. 172°C Ref. Index 1.4995
B.pt * 237°C Ref. Index 1.6253
of dry nitrogen and a small middle fraction kept each time. 
lEhe constants for the compounds were as follows* - 
^-pi coline#
^-picoline#
^-picoline.
S-collidine.
Quinoline.
All Boiling points are at 760 mm.
All Refractive Indices are at 20°C.
(d) Fursn. *Laboratory reagent1 quality furan
was twice distilled at atmospheric pressure and sealed
under nitrogen in glass ampoules*
Boiling point#.......... 32#0°C at 760 mm.
(e) Benzonttrile. "AnalaR" quality bensonitrile 
was distilled under reduced pressure (about 20 mm) end the 
middle fraction taken. This was dried by standing over 
calcium chloride with occasional shaking end repeatedly 
fractionated under reduced pressure in a stream of nitrogen, 
using the 40 cm fractionating column.
The boiling point was 190#6°C end the Refractive 
Index was 1.5289 at 20°C.
The benzonitrile had a specific conductivity of 
—6 —10*01 - 0*04 x 10“ ohms“ and was dried and refractionated, 
as above, between each series of measurements*
U )  Ethanol * This was Icxndly supplied by 
Mr. J.A. Cornelius, B.Sc*
(0) Ethylene Civcol. She ethylene glycol, which
was of nlaboratory reagent" quality, was purified by the
method o f Smyth and falls (31) in which the ethylene glycol
was first distilled under reduced pressure. The middle
fraction was then shaken with anhydrous sodium sulphate
and twice redistilled, retaining the middle fraction each
time. All distillations were carried out under dry nitrogen.
Boiling point* ».**..*•«..*..... 197 G at 760 mm.
Refractive Index...   1.4313 at 20° C.
Specific conductivity. .... 0.03-0.06x10“^
ohms"" .
§(iii) Electrolytes.
(a) Potassium Chloride. "AnalaR* potassium 
chloride was recrystallised three times from conductivity 
water, rejecting the first crystals to form each time.
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The crystals from the final solution were drained as free 
as possible from the mother liquor and dried in an air oven 
at 120°C in a platinum dish* The dried crystals were 
stored in a vacuum desiccator*
<b) Silver Nitrate* The purified silver nitrate 
was kindly supplied by Dr Y.S* Griffiths. It had been 
purified in the following manner*-
"AnalaB" silver nitrate was ree ry s t al 1 ised from 
conductivity water containing a little "Ane.laR* nitric acid. 
The crystals obtained were further recrystellised three 
times from conductivity water and the crystals drained as 
free from mother liquor as possible. These crystals were 
placed in a vacuum desiccator which was stored at about 30°C. 
1hen the crystals appeared to be ndry", the solid was heated 
to constant weight at 120°C in a reducing atmosphere.
A sample was fused in a. platinum boat under dry 
nitrogen but analysis showed that this product was no better 
than tile unfused material • Further, the resistance of 
solutions at the same concentration of the fused and 
unfused crystals were found to be the same to within 0.02f£. 
Consequently, it was decided to use the unfused salt.
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§(iv) Hitroaen.
Hitrogen was passed throu^i two Drechsel bottles 
containing concentrated sulphuric acid and a third bottle 
which acted as a trap to remove spray. It was then 
passed through a long tube containing cotton wool and 
could then be either led to the thermostat to be used for 
n blowing-over” solutions or to the work bench to "blow out" 
apparatus.
-ooooOoooo-
SECIXOH Ila 
THE CONDUCTIVITY OF SILVER BIT RATE
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SECTXOW lie
TIIE CONDUCTIVITY Of SILVER NITRATE 
IN JkCmom AT 25°C
8(i) Historical *
The conductivity of silver nitrate in acetone has 
been studied in the past by several workers but generally 
conflicting results have been obtained.
In 18951 St. Yon Lazzczynski (1) studied the 
behaviour of silver nitrate in acetone and decided that 
the conductivity of the salt was very small.
In 1906, Jones and houiller ( 5) > working in fairly 
concentrated solutions, determined the conductivity and 
transport numbers of silver nitrate in acetone, but made 
no attempt to estimate the value of Aq, the equivalent 
conductivity at infinite dilution.
The system was again investigated at 18°C by 
Hoshdestwensky end lewis (8) in 1911 whose results agreed 
with those of Jones and Houiller. They attempted to 
evaluate AQ using several methods, which gave widely 
varying results. For example, by using Waldenfs Rule, 
they obtained a value of Aq« 317 which they considered 
too high, whilst the method of St# Von Leszczynski
40-
gave A^ ss 151. fhis latter method involved multiplying 
the valhe o f AQ obtained in aqueous solution by 1.3 which 
Roshd.es twensky and Lewis considered to be applicable.
By using the Ostweld Dilution Law and the Empirical 
expression of van*t Hoff and Rudolphi, together with a 
rounded value of Aq« 150, they calculated the Dissociation 
Constant for silver nitrate in acetone. Ihe latter 
method gave the most constant value of Z. which was about 
4 x 10~4.
Fifteen years later, in 1926, Mttller, Griengl and
Mollang (15) made a study of the properties of silver
nitrate in a number of organic solvents including acetone
at 25°C and determined its conductivity in that solvent.
Ihey worked over a far wider concentration range than any
previous workers and obtained results much higher than
any obtained before. they obtained a value of A *=317o
and although their method of extrapolation to obtain Aq 
was somewhat suspect, this value was in agreement with 
the value obtained by Roshdestwensky and Lewis in applying 
Walden’s .Rule.
In more recent years, Hughes and Hartley (46) have 
made a full study of the behaviour of certain electrolytes 
in pure organic solvents end in mixtures containing small
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percentages of water* Their results for silver nitr&te 
in acetone are lower than those of Mftlier, Griengl and 
Mollang but show better agreement with those of earlier 
workers* Values of Aq are quoted for all salts studied
with the exception of three, namely picric acid, lithium 
thiocyanete, and silver nitrate in acetone* If a value 
of a q were to be obtained from a A plot, then the
extrapolation of the figures given for JLgUO^  in acetone 
would lead to a low figure for A^ (70 - 90)*
Once again the system was re-investigated by 
Dippy, Jenkins and Page (64) in 1939, who obtained experim­
ental results in good agreement with those of Hughes and
Hartley but no attempt was made to evaluate either A oro
K for silver nitrate in acetone#
. In 1952, the system was ©gain investigated in the 
light of modem theoiy by Griffiths (93) who applied the 
extrapolation methods of Shedlovsky (62) and Davies (36) to 
the system but obtained, by both methods, a non-linear curve 
above a concentration of C =3*0 x 1(3^ 1* Using the lower 
concentration range values, which were linear, he obtained 
the following results *-
Shedlovsky method t- Aq= 154*6 K * 6*75 x 10~^
Davies method t- 153*7 K = 7*04 x 10~^
CONDUCT/yiTy OF Sii-V£& N / T ^ AT £  
I N  A U T O N £  A T  2 .5  *C.
fc.*p«.rim&rvowi
. The©rfej7cfiJ OrjSo.oo.y S lope.
Various methods for obtaining a linear plot were tried, 
including the use of extended conductivity and activity 
equations, but with little success* It was pointed out 
that the value of AQ« 154 was close to that estimated by 
St* Von laszczynsk.i (1) and Hoshdestwensky and Lewis (8), 
namely AQ= 150.
—6Taking the value of K » 7.04 x 10*“ and applying 
the Bjerium theory of ion association (14), Griffiths 
obtained an "a" value of 1*632 which he thought to be 
impossibly small compared with the sum of the ionic radii 
determined by ionic mobility measurements In aqueous 
solutions (2*682) or the sum of the radii obtained from 
crystallogrsphic studies of silver nitrate. The conclusion 
drawn was that the forces involved were other than 
coulombie forces.
It was therefore decided to re-investigate the 
system and attempt to obtain data in the dilute region 
where the extre.pola.tion plots were reported to be linear.
§(li) Experimental*
Dilution runs were made as described in Section la 
and the results are tabulated in table 1 and shown in 
graphical form in fig 5*
>-
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In the experimental work certain difficulties
were encountered. To obtain consistent result©, the
acetone had to he very pUre and very stringent precautions
were taken to prevent contamination from the atmosphere
due to the hygroscopic nature of the solvent. Though
the conductivity of pure acetone was fairly low (about 
—6 «•!0.02 x 10 ohms ), it was comparable to that of the
r •»
more dilute silver nitrate solutions (about 0,13 x 10 ohms 
at C m 0.008 x 10~4 M). It was found that at concentrations 
greater than 0.2 x 1Q~4 M consistent results could be 
obtained but below this concentration, agreement between 
results in different run© was not good. This was probably 
due to the high resistance of the solutions and hence the 
difficulty in measuring them accurately with the bridge 
used for this work.
The experimental results for the concentration 
range 0.2 x 10 to 22.5 x 10 M were treated by the 
extrapolation method of Shedlovsky (62) and a plot was 
obtained as shorn in fig 6. The limiting lews were 
used in the form t~
b .1.720 AQ + 346.6 
log t \  m
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where the values of the dielectric constant and viscosity 
of acetone were taken to be t-
2!he extrapolation plot (fig 6) obtained is very 
similar to that of Griffiths (93) end shows the seme 
general non-linearitythou^i the linear portion of the
than most previous results but is in good agreement with 
the sum of the ionic mobilities given by Davies (40).
strictly linear but shows a distinct change in slope,
the ©lope gradually decreasing with increased concentration#
faking A0« 206 and ^*= 0.00304, the value of the 
product A is 0.626 which is somewhat larger than the
value usually obtained for salts in acetone 5 for instance 
sodium iodide, 0.578$ end tetrs-ethy1-ammonium picrate, 
0.9685 as given by Earned and Owen (89)*
Prom the slope of the linear portion of the extrap­
olation plot, the dissociation constant, E, was obtained
£
and was found to be 3*0 x 10 » faking this value of
D « 20.47
•3 Bata of Reynold and Kraus(31)
curve only occurs at concentrations less than 2.0 x 10~^ if 
By extrapolation to infinite dilution, an 
approximate value of A0« 206 is obtained which is higher
These are Ag+ *= 88, NOj « 120, giving A^ s= 208. Even 
below & concentration of 2.0 x 10~^M the curve is not
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K and assuming that the Ej«rrum theory is applicable in 
this case, an "a* value of 1# 532 wes obtained. As already 
seen, this is small compared with the values obtained from 
the sum of the ionic radii in aqueous solutions and the 
sum of the c ry stallogrephic radii, indicating that the 
assumptions in the B jerrum theory do not strictly hold.
As mentioned above, Griffiths had tried various 
methods to obtain linear extrapolation plots but without 
success and again these methods were applied to the present 
results but with little effect and so other reasons were 
sought to explain the anomalies#
§(lii) Discussion.
The extrapolation methods have been almost
universally used for electrolytes in organic solvents,
where the Xohlrauseh law of independent mobilities cannot
be applied, and where very few accurate values for ion
mobilities are available. They have usually yielded
values of A and & which are reasonable in view of the o
small A values which obtain in many solvents (see Kraus 
and co-workers, refs. 74, 77, 73, 81, 85)* In most 
cases, the meth&d of Fuoss and Kraus (43) has been used 
and plots have been found to be linear up to the critical
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concentration of Fuoss (55), namely c =3.2 x 10~7 Jp 
(B = macroscopic dielectric constant) at 25°C for 
uni—univalent electrolytes, though, exceptions have been 
reported.
For instance, in the case of liquid ammonia at 
-33°C, (B = 22 ), slight deviations from linearity at
A
concentrations above 10 I have been reported by Hnizda 
and Kraus (85) while Mead, Fuos© and Kraus (56) reported 
deviations of several tenths of a percent just below the 
critical concentration in ethylene dichloride (B * 10.23).
Of the published data available for electrolytes 
in acetone (I) « 20,47f critical concentration = 27.4 x 10 ~4M)
those of Bippy, Jenkins and Page (64) were taken and
treated using the Shedloveky extrapolation method.
The plot obtained for silver nitrate was consistent with 
previous results and by extrapolating to infinite dilution, 
a value of Ao= 200 was obtained, The results for the 
other salts investigated by Bippy et el gave, in the main,
linear She&lovsky plots and any deviation, where this
occured, was relatively small and was probably due to 
experimental error.
Reynolds and Kraus (81) applied the fuoss method 
to a variety of salts in acetone end obtained slight
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deviations from linearity at concentrations above 
7.0 x X0"4M.
Turning to silver nitrate in other solvents, it 
has been shown that the method of Fuoss and Kraus (43, 54) 
can be applied and only small deviations from linearity 
have been reported (see Corignan and Kraus, 83; Luder 
and Kraus, 74; Bromley and Iuder, 70)#
It would thus appear that the extrapolation 
methods give the expected plot for most salts in acetone 
and for silver nitrate in many solvents, usually basic in 
character, but that the solutions of silver nitrate in 
acetone show large deviations.
Kilpatrick: (65) has discussed the errors in 
determining the dissociation constant of weak acids in 
aqueous solutions by the extrapolation methods of Ives (47), 
Fuoss and Kraus (43), Fuoss (54), and Shedlovsky (62) in 
the light of criticisms made by Shedlovsky (62) and 
Belcher (60) and it would appear that for electrolytes 
with dissociation constants greater than 10  ^only slight 
errors are likely to occur# Though the value of the 
dissociation constant obtained for silver nitrate in 
acetone is smaller than this, it is probably of the right 
order.
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As already seen, application of the Bjerrum
theory gives a low "a* parameter and this might be taken
to indicate that covalent forces are involved in the
associ&tion-dissociation process* This is by no means
certain since the macroscopic dielectric constant lies
been used whereas Hasted, Bitson and Collie (79) have
shown that in. aqueous solutions et distances less than 
-84 x 10 cm from an ion, the dielectric constant is a 
rapidly varying quantity (of. Bell and George, ref 100). 
It would appear to be sufficient to state that in this 
case there is a greater interaction between the ions than 
would be expected if only electrostatic forces obtained. 
This may be due, in part, to the strong acidic character 
of the silver ion and basic character of the nitrate ion 
causing the forces between the ions to be partly of the 
acid-base type (61, 66). This might explain why the 
Bjerrum theory would apply in strongly basic solvents, 
since the acidic silver ion would react preferentially 
with the solvent producing larger ions which would favour 
the dissociation process. In solvents of feebly basic 
character, the acid-base forces between the ions will 
predominate and favour the association process and it 
is this latter process which probably holds in acetone
o  o
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solutions and indicates the acetone to be a weaker Lewis 
base then is the nitrate ion.
It has been pointed out (116), however, that the 
nitrate ion is planer and therefore the Ag* ion could 
approach closer than would be indicated by the ionic 
radii. The value of 1*531 may, therefore, be reasonable 
though it seems doubtful if this is the only factor involved.
An examination of the plot of log A ©gainst log C 
showed that it was linear up to © concentration of 
C » 4*0 x 10~4M with a slope of -0.47 compered with a slope 
of -0*5 which would be required for ion-pair formation.
Above this concentration, the slope grsdually decreased 
to approximately -0*027 but there are insufficient data 
to decide whether or not a minimum occurs though from the 
shape of the curve, it is likely that the minimum, if it 
does oecur, lies beyond the concentration representing 
saturation in pure acetone.
On the other hand, the plot of AC ©gainst C was 
a linear plot above a concentration of C * $.0 x 10~\l 
and of positive slope, thus indicating possible triple-ion 
formation.
The existence of triple-ions in acetone has been 
reported by French and Hoe (101) who measured the conduct­
ivity of picric acid in acetone. In order to explain
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their results, they found that it was necessary to assume 
the formation of unilateral triple-ions as postulated by 
Wooster (63) but they noted that equilibrium was reached 
only slowly. Thifi was shown by the fact that on adding 
picric acid, the conductivity changed markedly with time 
till a state of equilibrium was reached, where the conduct­
ivity was constant. In the case of silver nitrate, no
£
such time effect was observed, and since the AC* against C 
plot is of positive slope, it would appear that bilateral 
triple-ions are formed end that the Fuoss and Kraus (45» 53) 
theory of triple-ions would be applicable. These authors 
showed that triple-ion formation could not take place in 
solvents in which t -
.* L „ I 23 IZi I e
8 e5 k T
where ihe parameter corresponding to the "a"
parameter of ion-pair formation.
In fitting their theory to the data for tetra-
isoamyl-ammonium nitrate in dioxan-water mixtures, Puoss
—8and Kraus used the value of 9 x 10 cm and the 
theoretical limit of triple-idn formation for this value 
of a^  should appear at a dielectric constant of 23*2 •
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Xn their case, however, it was possible to explain ion-pair 
formation in terms of only electrostatic forces whereas, 
with silver nitrate, interaction appears to be more 
complex and under the circumstances, the two values of 
cannot be strictly compared. However, it does give 
an indication that it would be possible for triple-ione to 
exist in acetone having a dielectric constant of 20.47 •
In the theory of Fuoss and Kraus (45) it is shown 
that the observed conductivity will be given by an equation 
of the form *-
A = Aa& + Bc^
where A and B are constants. Xhis equation is of a curve 
with a minimum and, by differentiation, the concentration 
corresponding to the minimum conductivity is given by s-
« A It Aq
Cmia - T  m - z z r -
^  V a -  2/ A B  = 2 / K Ao A0
It
where AQ is the equivalent conductivity at infinite dilution
m
of the simple ions and A is that of the triple-ions, while
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K end k ere the corresponding dissociation cons tents for 
the ionic species. It follows that the two dissociation 
constant© are given by t-
r^ain
k e C, o rain •— —
Ao
Applying the results for silver nitrate in acetone 
to this theory, the values for the concentration and 
conductivity at the minimum are 5-
Cmln = 3 x 10‘2
Amin * 3*7
taking the slope and intercept of the linear portion of
1 2 the AC**’ - C graph as 0.107 x 10 and 0.322 respectively.
Due to its greater sise, a triple-ion is normally 
considered to move about three times as slowly as the 
simple ions of which it is made up and on this assumption 
the values for the dissociation constants are t-
K » 4.6 x 10~6 
k - 1 x 10~2
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The dissociation constant for the ion-pair 
formation is of the same order as that obtained using 
the Shedloveky method (3*0 x lCf*^ ) and would appear to 
be of the right order* The larger value for the dissociation 
constant for triple-ions indicates that these are mainly 
dissociated inti ion-pairs and single ions, though they are 
likely to have a finite existence in solutions of silver 
nitrate in acetone*
It should be remembered that Fuoss end Krsus 
considered the simplified case of a solution for which the 
activity coefficients could be taken as unity* This 
would not be true of any real solution though the dissociation 
constants obtained from the theory are likely to be of the 
right order.
Garrett and Yellenga (71) have postulated the 
formation of triple-ions for thallous chloride in aqueous 
solutions of ethylene glycol, for which the macroscopic 
dielectric constant is 37*7 * They suggested a modi­
fication of the solvent close to the ion, thus reducing 
the dielectric constant sufficiently to allow triple-ion 
f orraetion*
More recently, Kraus (110) has discussed the 
behaviour of electrolytes over a large range of concen­
trations from dilute solutions to fused salts and in
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dealing with the formation of triple-ions, states that 
as the dielectric constant of the solution falls to a 
value in the neighbourhood of 20, interaction takes place 
between ions and ion-pairs to form triple-ions*
§(iv) Conclusions*
It must be remembered that silver nitrate shows 
anomalies in other electro-chemical properties} for 
instance, Earned end Owen (83) state that silver nitrate 
shows anomalous behaviour as far as transference data in 
water are concerned* It is suggested that ion-association 
is responsible for these variations from theory. for 
rather more concentrated solutions, Hobinson and Davies (59) 
obtained a value for the dissociation constant in aqueous 
solutions of 1.5 but it increased markedly in more dilute 
solutions.
Recently, investigations of aqueous solutions of 
silver nitrate by Davies and Morgan (106) have shown 
anomalies, which they seek to explain by the hypothesis 
that in solution, the argentous ion exists to a considerable 
extent as Jg^* though Waters and Woodward (113) have been 
unable to confirm this by means of an investigation using 
Raman spectra*
Thus, even in water, silver nitrate cannot be 
considered a "normal" uni-univalent electrolyte, and 
when attention is turned to acetone solutions, with a 
relatively low dielectric constant, further complicating 
factors are such things as the lack of knowledge of the 
applicability of limiting laws in non-aqueous solvents* 
However, from the data presented, it appears 
possible that some type of triple-ion formation occurs 
in solutions of silver nitrate in acetone.
Also, it would appear that there is a greater 
interaction between the Ions than might be expected if 
only electrostatic forces obtained and it is suggested 
that thi& might be explained in terms of acid-base forces 
which would effect the association-dissociation process.
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TABLE I
THE COTOTJCTTVITY OF SILTFH NITRATE IK 
ACETOTra AT 25°C
C X 104 /c x 102 A
0.2199 0.4680 ■ 56.33
0.3936 0,6274 44.45
0.6504 0.8065 35*94
1.1157 1.0562 28.63
1.4260 1.1941 25.92
1*9440 1.3942 22.89
2.6740 1.6352 20.42
4.1271 2.0315 17.40
5.3988 ■ 2.3235 15.93
6.1277 2.4754 15.56
7*6585 2.7674 14.37
7.7054 2.7759 14.61
8.8483 2.9746 14.12
9*3171 3.0523 13.74
11.147 3.3386 13.29
12.755 3.5715 12.92
13.981 3.7393 12.70
14.949 3.8665 12.43
16.153 4.0191 12.34
17.257 4.1541 12.23
18.870 4.3440 12.09
20.335 4*5095 11*93
22.428 4.7353 11.82
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TAE1E 2
THE COKDUCIIVITY OF SILVER MIIRATE IK ACETONE AT 25°C 
AND THE SHEDIiOTSgY SXTBAPOIATION EPWCTIOHS
CxlO4 Sfe) cxf ■e2 102/AS(jz) ACf*S(jz)xl05
0.2X99 1.0036 0.23433 0.95693 1.7585 1.1970
0.3936 1.0103 0.22453 0.94393 2.2269 1.6774
0.6504 1.0119 0.13183 0.94122 2.7437 2.2261
1.1157 1.0139 0.14514 0.93157 3.4449 3.0169
1.4260 1.0150 0.13154 0.92653 3.8011 3.4759
1.9440 1.0165 0.11634 0.91922 4.2977 4.2031
2.6740 1.0132 0.10396 0.91129 4.8095 5.0665
4.1271 1.0209 0.08882 0.89335 5.6294 6.5397
5.3933 1.0229 0.08173 0.33956 6.1177 7.S505
6.1277 1.0241 0.07967 0.83413 6.2775 3.6337
7.6535 1.0259 0.07371 0.87604 6.7833 9.3901
7.7054 1.0262 0.07496 0.87469 6.6693 10.106
3.3433 1.0278 0.07205 0.35335 6.3913 11.149
9.3172 1.0230 0.07062 0.86633 7.0796 11.403
11.147 1.0302 0.06845 0.85733 7.3041 13.034
12.755 1.0313 0.06665 0.35006 7.5013 14.454
13.931 1.0331 0.06560 0.34475 7.6220 15.495
14.949 1.0339 0.06451 0.84113 7.7501 16.224
16.153 1.0351 0.06336 0.33617 7.3290 17.252
17.267 1.0361 0.06336 0.83172 7.3914 13.137
13.370 1.0376 0.06272 0.32557 7.9719 19.542
20.335 1.0333 0.06222 0.82024 3.0354 20.758
22.423 1.0406 0.06149 0.81310 8.1307 22.429
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TAH.B 3
THE COHEtlCTIVITY 0? SILTER HITHAT32 IK ACETON’e AT 25°G
am) m RIYBD FUMCTIo m
CxlO4 A AC -log C log A
0.2199 56.38 0.2638 4.653 1.7511
0.3936 44.45 0.2739 “ 4.405 1.6749
0.6504 34.94 0.2893 4.187 1.5556
1.1157 23.63 0.3023 3.952 1.4568
1.4260 25.92 0.3095 3.846 1.4136
1.9440 22.39 0.3191 3.711 1.3597
2.6740 20.42 0.3339 3.573 1.3101
4.1271 17.40 0.3536 3.334 1.2406
5.3983 15*98 0.3714 3.268 1.2036
6.1277 15*56 0.3351 3.213 1.1920
7.6585 14.37 0.3976 3.116 1.1575
7.7054 14.61 0.4056 3.113 1.1646
8.8433 14.12 0.4201 3.053 1.1498
9.3171 13.74 0.4193 3.031 1.1380
11.147 13.29 0.4433 2.953 1.1235
12.755 12.92 0.4615 2.894 1.1113
13.931 12.70 0.4748 2.854 1.1038
14.949 12.48 0.4825 2.825 1.0963
16.153 12.34 0.4959 2.792 1.0913
17.257 12.23 0.5081 2.763 1.0874
13.870 12.09 0.5252 2.724 1.0824
20.335 11.93 0.5402 2.692 1.0785
22.428 11.82 0.5593 
..... — .... .—
2.649 1.0726
THE COKDPCTXTITY OF SILVER WITRAIS IH AQUEOUS 
ACBTOHE MIIfPSBS AT 25°C
SECTION lit
THE CONDUCTIVITY OF SILVEK NITRATE IN AQUEOUS 
ACETONE MIXTURES AT 25°C
§(i) Historical.
The conductivity of silver nitrate in aqueous 
solutions of acetone has been investigated in the past 
on only s few occasions.
Rouiller has determined the conductivities in 
binary mixtures containing 0$, 25$, 50$, 75$, and 100$
(w/w) acetone although in rather concentrated solutions, 
(from C = 10 x 10“4 to C = 200 x I0~4). (ref. 7)
Hughes and Hartley (46), in 1933, investigated 
the behaviour of certain electrolytes in pure organic 
solvents and the effect of small additions of water to 
these solvents. In the case of acetone, they made 
two small additions of water, namely 0.267$ and 1.015$
(w/w) and also small additions of methanol and ethanol.
On plotting A against J  C , curves are obtained which are 
similar to that obtained for ptoe acetone though they 
shoe a greater A value with increase in the water 
content at any one concentration of silver nitrate (fig 11). 
Griffiths (98, 108) has reported the conductivities
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of this ejectrolyte in certain binary mixtures, including 
acetone-water, over the complete solvent mixture range, 
the concentration of the silver nitrate being kept constant. 
The electrolyte concentrations were 0.0003 M, 0.0005 M, 
and 0.0008 M, though the essential characteristics of 
the curves were the same for all three.
In the present Investigation, the conductivity 
of silver nitrate was measured in solutions containing 
known percentages of water ranging from 0*1^ (w/w) water 
to 50/C (w/w) water and in dilute electrolyte solutions 
(mainly C ^ 1 6  x 1Q~^).
S(ii) ^Experimental.
Solvent mixtures were prepared as described in 
Section la and dilution runs were carried out over e 
range of concentrations. The results were treated 
by the extrapolation method of Shedlovsity (62) and values 
for the dissociation constant, K, and the equivalent 
conductivity at infinite dilution, AQ, were obtained 
for each solvent mixture. These are shown in table 5 
together with other derived constants. The physical 
constants of the solvent mixtures ere given in table 4 
together with the Onsager and Debye-HSiekel constants.
A
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fhe experimental results are given in tables
8 to 23 and shown in graphical form in figs 9 to 24.
With the exception of the 0.1# addition of water, the
extrapolation plots were all linear and gave reasonable
values for the dissociation constants and for A •0
In the case o f the 0.1^ addition of water, the extrapolation 
plot showed the curve characteristic of pure acetone 
though to a slightly less extent (see fig 10} and it 
was possible to obtain values for Z and Aq using the 
linear portion of the plot.
Fig 11 shows the conductivities of silver nitrate 
in acetone containing small percentages of water end the 
results of the present investigation are compared with 
the results of Hughes and Hartley (46) and show good 
general agreement with this previous w o rk.
As the water content of the acetone solutions 
was increased, so the dissociation constant increased 
until, with 50$ water present, the electrolyte was very 
nearly completely dissociated. This is in accord with 
general theory in which an electrolyte is normally 
completely dissociated in solvents having dielectric 
constants greater than 40. The value of Aq decreased 
with increase of water content of the mixture and fig 12
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gives a comparison of the conductivities of silver nitrate 
in the various mixtures.
8(iii) Hiecussion.
The effect of solvent composition on the conduct­
ivity of electrolytes has been studied frequently, the 
greatest attention having been paid to water-rich binary 
aqueous organic solutions*
Many such solutions have shown deviations from 
Onsager1s Theory (20) and in most cases these have been 
accounted for in the terms of ion-association, based 
upon Bjerrum's Theory (14), vihich supposes purely Coulomtic 
forces to exist between the constituent ions. In other 
solutions, these deviations could not be treated satis­
factorily on this basis and it has been suggested that the 
association process in these cases is not governed solely 
by electrostatic forces (eg. ©ee Earned end Hone, J.A.C.S.$ 
1941 62l 25795 James, ref 91, 94).
The "a* parameter of Bjerrum (14) was calculated 
for all aqueous solutions of acetone studied, using the 
macroscopic dielectric constant of the solvent mixtures.
In acetone end aqueous acetone solutions, the na* parameter 
was of the order of 22, a value smaller than the sum of
the tonie radii, which may indicate that there is a 
greater interaction between the ion© than would be 
expected if only electrostatic forces obtained.
It must be remembered, however, that the bulk 
dielectric constant has been used in these calculations 
whereas it has been shown (79) that in aqueous solutions at 
distances of less than 4i from an ion, the dielectric 
constant is a rapidly varying quantity and thus not too 
great a, reliance should be placed upon these values*
It can be seen from table 5 that as the water content of 
the solutions increased, the vain© of K increased, which 
is as would be expected from the BJerrum theory*
Moelwyn-Hughes (75) has discussed the variation 
of K with the dielectric constant in terms of the 
Wyime-don.es equation s-
a(ln E) = gagb e* 
d(3/B)j p r k X
where t- D « dielectric constant of solvent.
K = dissociation constant of electrolyte* 
r * sum of ionic radii*
s z, m valencies of ionic species, 
a b
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la particular, solutions of silver nitrate in water, 
methanol, and ethanol were considered and it was shown 
that a plot of Ag° against 1/D gave a strai^it line, 
from the slope of which an *r" value of 2 *681 A0 was 
calculated whieh was compared with the sum of the ionic 
radii determined from mobilities, namely 2*6752* This 
value would thus appear to be independent of solvent*
Moelwyn-Hughes obtained the values of K for the electro­
lyte in the various solvents from the work: of Davies (37,38)* 
However, whilst the values in mwthanol and ethanol are 
those at 25°C, that in water is for a solution at 13°C.
If the value at 25° C is taken, if is seen from t i g  13 
that the plot gives a straight line of similar slope to 
that obtained by Moelwyn-Hughes*
If the data for other solvents such as p y r ld ± n e f 
ethylenediamine, eeetonitrile, benzonitrile, acetone, and 
ammonia (at -33°C) are plotted in a similar manner 
(pK against l/B) it is found that they give points which 
are widely dispersed about the line joining the values 
for water, methanol, ethanol, and ethylene glycol (fig 14)*
It is perixaps significant that the latter hydroxylie 
solvents are considered to be levelling solvents whilst 
the former are the differentiating solvents in which
A S O L j j T I  QNiAQOLOOi
OF NIT«ATt
D 7-y Actto n
—  o
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one ionic species is likely to be preferentially solvated, 
(41, 42, 53) end where it would be unwise to suppose that 
the sum of the ionic radii is independent of solvent.
However, in the work described here, it was 
considered that if preferential solvation of the ions 
with water molecules occured, then, at least within one 
system, the plot of pK against 1 /D should be linear.
Shis plot is shown in fig 15 and it can be seen that 
the points lie on a curve, the value of K being smaller 
than would be expected in a l@velj.ing solvent of the same 
bulk dielectric constant. This is probably due to the 
forces involved in the association process not being 
purely electrostatic in nature, althou^i a contributery 
factor may be the preferential solvation of the electro­
lyte by the more polar water molecules. It is usually 
accepted that the value of the Walden’s product Aq ^  
will give an Indication of any change in solvation which 
might occur (see James; 91) and these values for the 
aqueous acetone solutions are given in table 5» Ihey 
show a considerable variation beyond a concentration of 
10$ water which might indicate some changes taking place 
in the solvation sheath round the ion.
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It has been shown in Section XIa that for silver 
nitrate in dry acetone, there is a greater interaction 
between the ions then would be expected if only electro­
static forces obtained. It was suggested that this 
might be due to , in part, the strong aoidic character 
of the nitrate ion and basic character of the nitrate ion, 
causing the forces between the ions to be partly of an 
acid-base type. These forces will also be present in 
aqueous acetone solutions though their effect will 
decrease with increase of water content of the solvent.
It is thus of interest that in 90$ acetone solutions, 
where 25 « 24, K is of the same order (K * 1.13 x 10*^) 
as that holding in ethanol solution, namely 4*4 x 10 
(23 » 24)* It would thus appear that in solution© 
containing more than 10$ water, these acid-base forces 
are no longer of major significance in the association- 
dissociation process#
§( iv) Conclusions.
It he© been shown that silver nitrate in dry 
acetone is a much weaker electrolyte then would be expected 
in a solvent with a dielectric constant of ©bout 20 end ©n 
attempt has been made to explain this in terms of ©cid-base 
forces. It would appear that these same forces also play
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e.n Important part i n  the association process for the 
electrolyte in aqueous acetone solutions until the 
solvent contains about 10$ by weight of water, after 
which electrostatic forces predominate. The effect 
of solvation by water molecules will also play a part 
in this process and the existence of such solvation is 
indicated by the variation in the Walden product for 
these binary solvent mixtures. When the weight 
percentage of water in the solution reaches 50$, the 
electrolyte may be considered to be very nearly 
completely dissociated, and this is found to be in agree­
ment with general theory which predicts complete 
dissociation in solvents having a bulk dielectric 
constant greater than 40.
ooooOoooo-
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SABLE 4
THE CONSTANTS AW DERIVED FTTKC1I0TO FOR AQTJIOUS
ACETONE MIXTURES o.AT 25 0
Percentage
acetone £ ^ x l Q 5
Onsager constant Debye-TKfcokel
constant
A0
100 20*9 3.04 346*6 1.720 3.325
99.9 19.1 3.17 344.1 1*903 4.245
93 19.6 3.25 331.3 1.836 4.083
98 20.1 3.33 319.3 1.768 3.932
QC. 21.6 3.66 280.3 1.587 3.530
90 24.0 4.37 222*7 1.355 3.014
80 29*6 6.15 142.5 0.9893 2*200
60 41.8 10.5 70.22 0.5895 1.311
90 48*2 12.4 55.37 0.4761 1.059
The data for dielectric constant D and viscosity ^  are 
those of Jhterldf (32) and I.C.X. (18) respectively, except 
for pure acetone where the data is from Reynolds & Kraus (81) 
«0"end VS"give the constants for a uni-univalent electrolyte 
in the Onsager equation *-
A » — (0 ♦ J  C
nAn gives the constant for a uni-mi valent electrolyte 
in the Bebye-Hftclcel limiting law »-
log t ± « - AJ 1
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T-TVE K
P IS  co;rotfcyi7iT T  o f s x x w k  k i t k a i e  is aopeom
ICSTO^S MIXTURES A1 2S°n
Percentage
acetone A 0 k:
A °1
a£ 1x10* PK
100 206 3.00x10° 0.626 1.53 5.23 5.53
99*9 200
—6
3.90x10 0.634 1*56 5.24 5.41
99 185.18 9 .90xl06 0.602 1.62 5.10 5.00
98 185*77 2.23xl05 0.619 1*63 4.97 4.65
95 154.49
-4
1*62x10 0.565 1*85 4.63 3.73
90 124.45
■
1*18x10 0.544 2.02 4.17 2.93
80 95*33
-3
9.86x10 0.589 2.36 3.38 2 . 01
60 79.05
-2
4.51x10 0.830 2.06 2.39 1.34
50 77*72 9 .07x1 02 0.964 1.91 2.07
____,.,.i
1.04
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TABLE 6
THE DISSOCIATION CONSTANTS OF SILVER NITRATE 13 
VARIOUS SOLVENTS AT P5°C
Solvent D K 1 2 jjxlO4" p&
---------
Reference
Water 73*5 1.5 l i 2 7 -0.18 59
Ethylene
glycol 37.7
-1
1.09x10 2.65 0.96 *
Acetonitrile 36
-2
1.68x10 2.73 1.77 27
Methanol 30.3
-2
2.05x10 3.30 1.69 12
Ben^onitrile 25*2
~4
2.50x10 3.97 3.60 #
Ethanol 24 4.4 xlO3 4.17 2.36 28
Met on© 20.5 3.0 xlU 5.23 5.53 #
Ethylene- 
dlamlne 12*9 8.07x10 7.75 3.09 70
Pyridine 12*4 9.3 xlO4 8.06 3.03 78
/am on i a 
(~33°C) 22 4.85x10 4.55 2.31 44
* Present work*
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TA.BLR 7
THE COKDtrCTITITY OF SHYER HITRA.TE 13 AQPEOCS 
ACETOHE MIXTURES AT 25°C
Figures of HupSieB & Hartley* (AS)*
Addition of 1*015$ water
— ■ ■ t  
C x 10'
I ****** A
7 c x 10 A
0.9203 0.9592 55.37
1*3559 1*3622 42 • 44
3.5730 1*8002 32.75
5*2680 2*2952 28.09
7 *1030 2*6652 25.10
10*1008 | 3.1731 22*07
Addition of 0*267$ wternwipum*1—urnwyniamtOarwwT— w-iw— t nW n *»' 11 w
0 x 104
r—* 2
/  C x 10* A
1.0363 1.0180 33.80
1.3359 1.3549 30.84
3.3672 1.9656 23*06
5.2572 2*2928 20.61
7.5296 2.744-0 13.21
Pare noetone
a x io4 j  0 x 10* A
0*8216 0*9064 37*85
1.7731 1.3334 27.65
3.1393 1.7859 22.03
4*6267 2*1450 19*23
6*2323 2*4965 17.48
8 *65.47— ______ z *ju z q — ...15*33---
TABLE S
THE COtaXTCTIVITY Off SILYEH ??ITHATS H I <39.9# ACBTOHE-O»l^ WATER
(w/w) MIXTURES AT 25°C
C x  104 s/C x  10* A
0.2252 0.4746 66*48
0.3900 0.6245 53.41
0.6004 0.7749 45.50
0.3670 0.9311 38.35
1.0367 1.0424 34.96
1.4232 l 1.1930 30.99
1*€569 1.2872 29.09
1.9594 1.363 6 27.75
2.0074 1.4167 26.89
• 2.2244 1.4914 25.81
2 « 4567 1.5673 24.80
......2,»..S,222~. 1.64X0.. -._ ___£1*32™
TABLE 9
wmfttxttniwa. u— mow.
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THE CONDUCTIVITY OF SILVER NITRATE IN 99.9f: ACBIOSffi-O.l* YATBR
(w/w) MIXTURES ANP THE SHEDLOVSKY EX T RAPOLAT ION TOTCTIOKS.
CxlQ4 Sfe) o< f>2 lOVASfe) ACf^ SfeJxlO3
0.2252 1.0094 O.33552 0.95272 ■.1*4903 1.4393
0.3900 1.0112 0.27004 0*9 4444 1.8515 1.9393
0.6004 1.0129 0.23043 0.93657 2.1697 2.5317
0.8670 1.0142 0.1944? 0.93022 2.5714 3.1369
1.0367 1.0151 0.17693 0.92566 2.8257 3.5595
1.4232 1.0163 0.15748 0.91999 3.1746 4.1238
1.6569 1.0171 0.14794 0.91646 3.3795 4.4928
1.8594 1.0176 0.14119 0.91370 3.5411 4.7975
2.0074 1.0180 0.13687 0.91180 3.6536 5.0104
2.2244 1.0187 0.13146 0.90914 3.B037 5.3172
2.4567 1.0193 0.12644 0.90648 3.9541 5.6317
2.6929 1.0198 0.12197 0.90396 4.1000 5.9381
OF :-(L/£K AV/7*CA7£
K p k - r t  r n * . n
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TABLE 10
TMT; OOKDPCTITITY 0g SXI/gE3 KIT SATE IN 99 f» ACETOm  - 1?? WATER
(w/w 1 MIXTURES AT 25°C
C x 104
I W M W *
/c x 10^ A
0#01418 0.1191 155.42
0.02106 0.1451 151.57
0.03577 0.1891 143.38
0*05533 0.2364 132.44
0.O8413 0.2918 120.28
0*09233 0.3039 116.64
0*1377 0.3710 104.69
0.3001 0*5479 81.87
0.3698 0.6082 73.38
0.4150 0.6442 72.92
0.701? 0.8377 59.39
0.9188 0.9535 53.16
1.2221 1.1054 47.14
1.4016 1.1639 43.74
1.7128 1.3083 40.30
2.1312 1.4599 36.38
2.5473 1.5960 34.50
2*8247 1.6807 32.81
3*4945 1.8694 29.80
4.3592 2*0880 27.64
5.4528 2.3349 25.31 |
a-)
4 *
IABIE 11
THE COHBTTCUVITY OF STIVER El IRATE IW 99# ACETO^ nS - 1# WATER
(w/wVMIITtTI-iES AWE THE S IEDIOTSEY EXTHAPOIAIIOE FTOCIIOWS.
CxlO4 S(z) ©<
0t% 102/AS(js) ACf|sfe)xl03
0.01413 1.0040 0.84265 0.97965 0.5408 0.2168
0.02106 1.0043 0.32243 0.97547 O.6566 0.3123
0.03577 1.0061 0.77899 0.96902 0.6932 0.5000
0.05533 1.0073 0.72042 0.96270 0.7456 0.7177
0.03413 1.0085 0.65505 0.95672 0.8244 0.9763
0.09233 1.0088 0.63542 0.95534 0.8493 1.0379
0.1377 1.0102 0.57111 0,94851 0.9455 1.3303
0.3001 1.0134 0.44303 0.93317 1.2052 2.3237
0.3693 1.0141 0.40514 0.92961 1.3330 2.5796
0.4150 1,0143 0.39961 0.92603 1.3514 2.8441
0.7017 1.0174 0.32630 0.91375 1.6551 3.8740
0.9133 1.0189 0.29250 0.90896 1.8464 4.5233
1.2221 1.0205 0.25973 0.89922 2.0786 5.2365
1.4016 1.0212 0.24121 0.89615 2.2336 5.6104
1.7123 1.0226 0.22531 0.83946 2.3969 6.3562
2.1312 1.0240 0.20394 0.83310 2.6476 7.1077
2.5473 1.0254 0.19104 0.87637 2.8265 7.9013
2.8247 1.0261 0.13130 0.87360 3.0395 8.3077
3.4945 1.0277 0.16538 0.86644 3.2643 9.2730
4.3592 1.0293 0.15371 0.85736 3.5132 10.633
5«4528 1.0320 0.14105 0.84797 3.8285 12.077
2.00
C*OnL 0^ 1 / ✓/"/ f Of 
AUlONE. - xs/A~ L < M M T  J(C£ 
Poke. A m i e n * .  at x.^rC
//o
t, /A/
—loo
5o
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TABLB 12
THE COMDTCtlTITY Qg SII.75R KITRAEE IW 98# ACETONE - 2# Vi TEH
U/w) MIXTORES A.I. 25°C
C x 104 J C x 102 A
0.03342 0.1960 137.34
0.06290 0.2508 149.37
0.03769 0.2961 . 146.70
0.1409 0.3754 128.79
0.2435 0.4985 112.39
0.3548 0.5956 101.34
0.5417 0.7360 83.97
0.7683 0.8769 78.80
1.1658 1.0797 67.64
1.5030 1.2259 61.37
2.1586 1.4692 51.43
3.0779 1.7544 44.70
4.6417 2.1545 37.87
6.3061 2.5112 33.51
7.9127 2.8130 30.63
9.5277 3 *0866 28.50
11.739 3.4336 26.29
0_
u -
ON
a ^
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M E  COKDUCTITITY OF EILTEH HTTRATB IH 98* ACETOSffi - 2* WATER 
(./.) MIXTTTHES ACT M E  SHEDIOYSKY EXTRA^OLATIOH’ FTTKCUOtfS
CxlO4 Sfe)
.. .
o C f2 X £ 102/ASfe) ACf|sfe)xl05
0.03342 1.0063 0.85333 0.96771 0.63080 0.5894
0.06290 1.0078 0.81033 0.95993 0.66428 0.9089
0.03769 1.0092 0.79695 0.95323 0.67545 1.2374
0.1409 1.0110 0.70090 0* 94462 0.76799 1.7332
0.2435 1.0136 0*61322 0.93170 0.87731 2.6378
0.3548 1.0155 0.55670 0.92263 0.96693 3.3852
0.5417 1*0180 0.48755 0.91103 1.1041 4.4701
0.7688 1.0201 0.43271 0.90077 1.2441 5.5666
1.1658 1.0230 0.37248 0.83744 1.4451 7.1539
1.5030 1.0249 0.33853 0.87874 1.5898 8.3072
2.1536 1.0274 0*28443 0.36764 1.8925 9.8964
3.0779 1.0305 0.24796 0.85360 2.1711 12.102
4.6417 1.0346 0.21091 0.83537 2.5523 15.201
6.3061 1.0379 0.18722 0.82128 2.8752 18.013
7.9127 1.0407 0.17139 0.80966 3.1363 20.422
9.5277 1.0431 0.16003 0.79953 3.3636 22.646
11.789 1.0461 0.14804 0.73710 3.6364 25.519
iL.v’e.e. si /77< a t £ INC o s t & v  L m v r r r  
9 $ %  ^ l£TT)N£ — 5 %  £ *L N/XTOic£S AT £ 6 *C
OF<&0O
— — "TK <<_£> r  ct» >-od O n i- v ^ t / ' *i)©£>C
—  50
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THE CONDUCTIVITY Off SILVER NITRATE IN 95# AC5fOHB - 5# WATER
( v r / w ) MIXTURES AT 25°C
C x 104
r—*— OJ c  x 10 A
0.07439 0*2728 142.81
0.1464 0.3826 138.36
0.2387 0* 4886 133.89
0.3286 0.5732 123.38
0,4646 0*6816 123.33
0.6316 0*7948 113*45
0.6824 0.3261 116.63
1.0815 1.0399 107.46
1.5077 1*2278 99.37
2.1050 1*4508 91.00
2.4938 1.5793 86.27
3.3563 1.8320 79.32'
4.3066 2*0751 72.71
7.9201 2*3142 58.85
12.219 3.4956 50.15
16.499 4.0619 44.75
22.023 4.6928 40.07
26.937 5.1950 37.05
o _
SO
  v A<J- t- oX— uJ V\
J- U A
-78-
TABL1 15
BIB C O m V C Tm TT OF S1L7EB IflTTRATE IK 95* ACETONE - 5* WATER 
( w M  MXXTtTBES ASP HiE EHEPLOVSgT EXTRAfOIATION FUNCTIONS
CxlO4 S k ) o < 2^x± 102/a$ W ACf|sfe)xl03
0.07439 1.0083 0.33262 0 . 9 5 8 0 8 0.69406 1.0269
0.1464 1.0124 0.91063' 0.94236 0*71083 1.9405
0.2387 1.0156 0 . 8 8 0 1 3 ' 0.92813 0 . 7 3 5 4 0 3.0129
0.3286 1.0180 0.85254 0#91755 0.75924 3.9710
0.4646 1.0210 0.81903 0.90456 0*79033 5.3181
0.6316 1.0241 0.79182 0.09140 0.81746 6.8876
0.6324 1.0247 0*77353 0.88860 0.83675 7.2463
1.0815 1.0299 0.71633 0.86665 0.90359 10.373
1.5077 1.0340 0.66503 0.84976 0.93724 13.164
2.1050 1.0386 0.61177 0.83149 1.0581 16.543
2*4933 1 . 0 4 0 9 0.53126 0.82224 1.1136 18.413
3.3563 1.0457 0.53690 0.80396 1.2057 22.381
4.3066 1.0496 0.49399 0.78830 1.3103 25.923
7.9201 1.0608 0.40409 0.74766 1.6018 36.967
12.219 1.0700 0.34734 0.71540 1.8636 46.907
16.493 1.0771 0.31139 0.69150 2.0747 54.992
22.023 1 . 0 3 4 6 0.28131 0.66723 2.3010 63.862
26.387 1.0902 j 0.26145 0.64931 2.4759 70.778
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SHE CONDPCTIYISCY OP SIEVES HITRATE I S  90* ACETONE - 10* WATER
(Y’/ v ) HIXItlHES AT 25°C
C x 104 io2 - A
0.1042 0.3228 126.35
0.2205 0.4695 120.17
0 . 2 4 2 9 0.4928 113.99
0 . 4 8 5 9 0.6971 117.94
0 * 6 9 4 1 0.8331 116.18
0 . 8 2 1 4 0 . 9 0 6 3 114.51
0.9321 0.9655 113.99
1.2143 1.1019 1 1 1 . 7 8
1.2506 1.1133 110.31
1.4545 1.2061 110.00
1.8212 1.3495 107.61
2.0535 1.4348 105.67
3 . 0 4 5 4 1.7451 101.01
4.5910 2.1426 94.40
7.4906 2.7369 85.91
10.913 3.3042 78.33
w
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THE CCmDtTCTIVITY OB SILVER MID BATE IN 90'/. ACETOKS - 10# WATER 
(v;/w) MIXTURES AMP THE SHSD10V5KY EXTRAPOIATIOH FtWCTIONS
CxlO4 sfe) o <
2
f tas 102/ASfc) ACf|sfe)xl03
0 * 1 0 4 2 1.0100 0.93082 0.95661 0.81927 1.2170
0*2205 1.0146 0.97970 0.93756 0.82021 2.5199
0.2429 1.0153 0.97071 0.93486 0.82781 2.7432
0.4359 1.0216 0.96811 0.90922 0.83001 5*3231
0.6941 1.0256 0.95746 0.89308 0.83921 7.3864
0.8214 1.0277 0.94561 0.88488 0.84976 3.5539
0.9321 1.0294 0.94292 0.87304 0.85215 9.6038
1.2143 1.0334 0.92815 0.86304 0.86573 12.105
1.2506 1.0337 0.92041 0.86169 0.87293 12.344
1.4545 1.0363 0.91594 0.85203 0.87727 14.126
1.8212 1.0402 0.89945 0.83731 0.89342 17.068
2.0535 1.0424 0.88511 0.82918 0.90785 13.801
3.0454 1.0506 0.85275 0.79364 0.94233 25.844
4.5910 1 . 0 6 0 4 . 0.80434 0.76597 0.99900 35.201
7.4906 1.0740 0.74143 0.72111 1.0838 49.841
10.913 1.0361 0.63797 0.68363 1.1630 63.909
—81—
THE COTflKTCglYXTY OP SII/VER NITRATE I IT 80$  ACETONE - 20# WATER
I v / y t )  MIXTTOES AT 2S°C
C x 104 J c x  10S A
0.6365 6.7978 93.52
0.6933 0.8330 93.26
0.8140 0.9022 93.06
0.9739 0.9394 92.75
1.2292 1.1036 92.37
1.2.546 1.12 01 91.95
1.6013 1.2654 91.52
2.0076 1.4168 91.12
2.3293 1.5264 90.55
3.0167 1.7368 39.61
3.5210 1.8765 89.06
3.5654 1.8382 89.16
5.0103 2.2390 87.49
6.63 68 2.5763 86.06
9.6402 3.1048 83.49
11.365 3.3711 82.31
-82-
THB COMPqCIITXTY OF SILVER NITRATE IN 80^ ACETONE - ? M  WATER 
(w/w) MIXTOKES AMD TOE SHEDLOYSKY EXTRAPOLATION EOTCTIOKS
CxlO4 Sfe) C < •f 102/A8fe) ACf|sfe)3ao5
0.6365 1.0197 0.99513 0.92251 1.0436 5.599
0.6938 1.0206 0.99320 0.91931 1.0507 6.071
0*8140 1.0223 0.99271 0.91292 1.0512 7.069
0.9789 1.0244 0.99143 0.90496 1.0525 8.417
1.2292 1.0273 0.99023 0.39422 1.0538 10.430
1.2546 1.0276 0.98595 0.39339 ' 1.0534 10.590
1.6013 1.0311 0.98473 0.88050 1.0597 13.305
2.0076 1.0348 0.93395 0.36722 1.0605 16.416
2.3298 1.0372 0.98002 0.35801 1.0643 13.773
3.0167 1.0425 0.97432 0.34047 1.0705 23.636
3.5210 1.0458 0.97194 0.82902 1*0736 27*183
3.5654 1.0462 0.97334 0*82794 1.0721 27.534
5*0103 1.0544 0.96264 0.30046 1.0840 36.997
6.6368 1*0623 0.35403 0.77483 1.0938 47.017
9*6402 1.0744 0.93606 0.73751 1.1148 63.776
11.36$ 1.0805 0.92802 0.71953 1.1245 72.723
its
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TABLE 20
COITOPCTIYITY OF SILVER NITKATB IN 60# ACETONE - 40# WATER 
(w/w) MIXTURES AT 25°C
C x 104
M M M M
v C x 10^ A
0.3015 0.5491 78.51
0.6332 0.8296 78.15
0.7686 0.8767 77.95
1.1742 1.0837 77.64
1.3267 _1.1518 77.53
1.7130 _ 1.3083 . 77.34
1.9702 1.4037 77.16
2.3559 1.5349 76.96
2.5939 1.6105 76.83
2.9679 1.7228 76.73
3.4933 1.3706 76.45
3.6081 1.8995 76.33
4.2104 2.0519 76.16
4.3560 2.2037 76.03
5.3796 2.3193 75.61
6.1755 2.4850 .........75.4.3.......
-34-
KTE C0MDT7CTITITY OF SI1VEB N’lTBATB If? 60'fi ACBIGTO - 40? WATER 
(w /w ) MIXTTTSES ASP THE SHKDLOYSCT BXIBAPQLAITIOtt FtWCTIONS
osao4. sfe) C< 102/AS(s)
2 '35 ACf^S^xlO"
0.3015 1.0081 0.99305 0.97642 1.2635 2.308
0.6882 1.0122 0,99754 0,95120 1.2641 5.178
0.7686 1.0129 O.99566 0.94354 1.2665 5.756
1.1742 1.0139 0.9946? 0,93682 1.2678 8.677
1.326? 1.0169 0.99424 0.93300 1,2683 9.759
1.7130 1.0192 0.99404 0*92424 1,2686 12.430
1.9702 1,0206 0.99309 0.91900 1.2698 14.259
2.3559 1.0226 0.99233 0.91133 1.270? 16.305
2.5939 1.0237 0.99177 0.90768 1.2713 18.517
2.9679 1.0253 0.99208 0.90158 1.2711 21.051
3.4988 1.0275 0*99053 0.39368 1.2731 24.561
3.6081 1.0279 0*93936 0.89218 1,2746 25.256
4.2104 1.0301 0.98931 0.88406 1.2747 29.202
4.8560 1.0323 0.98976 0.87602 1,2741 33.333
5.3796 1.0339 0*93584 0,87018 1.2792 36*596
6.1755 1.0364 0.93648 0.86156 1,2783 41.622
x:
X0_
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THE CONDUCTIVITY OF SILVER NITRATE IN’ 50#
(v/w) MIXTURES
ACETONE - 50'^  WATER
C x 104 ■Jc x 102 A
0.6062 0.7786 76.99
0.3477 0.9207 76.82
1.0575 1.0283 76.67
1.1X21 1.0546 76.67
1.3264 1.1517 76.55
1.5961 1.2634 76.45
1.9136 1.3351 76.37
2.0381 1.4450 76.21
2.3467 1.5319 76.21
2.6323 1.6224 76.07
2.9329 1.7126 75.91
__I»£lQ2.. __ 1*2022 .75.75___
TABLE 25
THE CONDUCTIVITY OP SILVER NIT BATE IN 507? ACETONE - 50* WATER 
(wA<) MIXTURE1!? AND THE SJIXBLOVSKT EXTRAPOLATION FUNCTIONS
-Cxloi_
rMftrn^wm msmsafinm
_____ sU)_ o<
«'»g»msssggsy,<ssssg?
-2 102/ASfc) ACffsfe)xl03
0.6062 1 * 0 0 9 2 0.39359 0.95277 1.2870 4.535
0.8477 1.0110 0.39326 0.95612 1•2876 6.295
1.0575 1.0122 0.99749 0.95114 1.2835 7.306
1.1121 1.0125 0.99779 0.94932 1.28S2 3.201
1.3264 1.0137 0.99741 0.94546 1.2387 9.732
1.5961 1.0150 0.99733 0.94032 1.2887 11.646
1.9136 1.0164 0.99772 0.93477 1.2833 13.921
2.0331 1.0171 0.93631 0.93206 1.2901 15.035
2.3467 1.0182 0.99739 0.92310 1.2387 16.900
2.6323 1.0193 0.99663 0.92406 1.2897 13.360
2.9329 1.0203 0.99331 0.92004 1.2912 20.399
J.6107 1.0225 0.99556 0.91170 1.2911 .25.497
SECTION IIo
THE CONDUCTIVITY OF SILVER NITRATE IN ACETONE SOLUTIONS
CONTAININS SOME PYRIDINE EASES AND OTHER COMIOUKDS
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SECTION IIo
THE CONDUCTIVITY OF SILVER KITRATB IN ACETONE SOLUTIONS 
CONTAINING SOME PYRIDINE BASES ABED OTHBB COMPOUNDS
§(i) Historical.
Owing to the electron-accepting properties of 
the Ag* ion, it has been found that certain organic 
molecules will interact strongly with this ion forming 
a strongly solvated cation. Burgess and Kraus (73) 
have concluded from their work, in a variety of solvents, 
that the silver ion is exceptional in this respect.
An Ag* ion solvated in this way by two pyridine molecules 
has been shown to exist by a number of workers. Bor 
instance, Woodman and Corbet (13) have demonstrated the 
existence of a complex ion from the result© of the 
distribution of pyridine between benzene and aqueous 
silver nitrate and Schmidt end Keller (26) by conductivity 
and transport data. Purther evidence comes from the 
work of Koch (29) who, from E.M.P. measurements, 
calculated the dissociation constant of the complex and 
more recently Britton and Williams (52) have demonstrated 
the existence of such a complex from electrometric studies 
on the precipitation of hydroxides.
In 1943 Yosburgh and Cogswell (69) made measurements
-87-
of the solubilities of silver iodate, sulphate, and
bromate in dilute pyridine solutions and from their
results they concluded that both Ag(py )* and Ag(py)g
—2existed, with instability constants of 1.0 x 10 end
- R
7.8 x 10 respectively. Further, in the case of 
silver nitrate, Ulich (21) has shown that the anion 
is little solvated with pyridine so that this system 
may be regarded as a limiting case of cationic solvation. 
Ives (48) studied the conductivities of a number of salts 
in aqueous solutions containing small quantities of 
pyridine and showed that much information could be 
obtained regarding the behaviour of electrolytes in 
these solutions. Griffiths (98, 108) used the same 
techniques in a study of the conductivity of silver 
nitrate in a number of mixed solvents and concluded that 
in aqueous solutions, an initial drop in the conductivity 
with addition of pyridine could be attributed to the 
formation of a complex cation of reduced mobility as 
compared with the Ag* ion. In ethanol solutions, a 
complex cation of reduced mobility was again fonaed on 
the addition of pyridine. The resulting fall in 
conductivity, however, was more than nullified by some 
larger effect operating in the opposite sense, since the
—SB—
the measured conductivity increased with the initial 
addition of pyridine. Griffiths suggested that this 
was the result of an Increase in the dissociation of the 
electrolyte which then proceeded to completion. After 
the establishment of the fully dissociated complex as the 
real solute, the conductivity was found to remain a function 
of the fluidity of the medium over a considerable solvent 
composition range.
As shown in Section Ila, silver nitrate in acetone 
Is a very weak electrolyte. By choosing a variety of 
solvents with electron-donating powers, it Is possible 
to obtain a system in which the cation is likely to be 
preferentially and very strongly solvated, thus giving 
a larger Ion. This might result in an increase in the 
degree of dissociation of the electrolyte whilst the bulk 
dielectric constant would be unaltered.
Thus the conductivity of silver nitrate was 
measured in acetone solutions containing smell additions 
of pyridine, ^-picollne, ^  -picollne, ^ -plcoline, 
^-collidine, and quinoline together with benzonitrile, 
furan, and triphenylemine.
§(li) Experimental«
Hie normal technique for experimental runs, as 
described in Section la, was used for the determination 
of the conductivity of the solutions.
The effect of altering the concentration of 
pyridine in the solvent mixtures was Investigated using 
three solutions containing 1#, 0*3# and 0.1# by weight 
of the base and the conductivity of silver nitrate In 
these solutions is shown in tables 24, and 26 to 31, and 
■in figs 25 end 26.
The conductivity of silver nitrate in acetone 
solutions containing other bases was measured and in all 
cases the mixtures contained 0.0735 mol $ of the base, this 
being equivalent to 0.1# by weight of pyridine. Additions 
of the seme mol. percentage of benzonitrile, furan, and 
triphenylamine were also made to acetone solutions of 
silver nitrate end the results ere given in tables 25, 
and 32 to 47 and in figs 27 to 30.
Attempts to use some other compounds containing 
nitrogen resulted in the reduction of the silver nitrate 
to form a colloidal solution of silver, which showed e 
typical Tyndall effect and Brownian movement when 
observed using a microscope fitted with a dark-field
►90-
paraboloid condenser. It was thus impossible to determine 
the conductivity of such solutions. The compounds which 
were found to behave in this manner were pyrrole, methyl 
aniline, &i-methyl aniline and di-methyl-para-toluidine.
She She&lovsky extrapolation method (62) wes used
to calculate the values of A0 end K f o r  the electrolyte
in the solutions studied. The viscosity of the mixtures
was taken to be that of acetone since additions of up to
0*5$ of base did not give visvosity variations which were
detectable by ordinary techniques. In the first instance,
where any data was &vsliable, a linear relationship was
assumed to hold between the dielectric constant of the
solvent mixtures and their composition but it was found
that with the concentration of the second solvent added,
there was little difference (up to 0.2 )^ from the value
holding for the dielectric constant of pure acetone.
Further, if values for the viscosity end dielectric constant
were selected (differing by 0.2$ from, 'thorn of acetone),
so as to intentionally increase an;/ errors in the calculated
values of and !C, these latter were found not to be o
significantly altered (errors.of up to 0,4$ might be 
expected in the value of E). It was thus decided to use 
the constants for acetone for the solvent mixtures used.
a.
cf\
9 o\
J  <A Os 
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§(iil) Discussion.
The addition o f a small percentage of pyridine to 
a solution of silver nitrate in acetone considerably 
increased the equivalent conductivity though it was found 
that there was little further effect when the concentration 
of the base was greatly increased (see fig 25)*
Since it is reasonable to expect that the cation 
will be solvated by the base whilst the anion will be 
little solvated (21), it would be expected that the mobility 
of the cation will be decreased a© compared with the 
mobility in acetone, leading to a decrease in conductivity 
on addition of ©. little pyridine• It thus appears that 
the expected fall in conductivity due to the formation of 
the complex cation must be more than nullified by some 
larger effect acting in the opposite sense, and it is 
suggested that this is an increase in the degree of 
dissociation of the electrolyte (cf Griffiths, ref. 108).
In acetone, the dissociation constant of silver nitrate
c
is approximately 3 x 10~v whilst in solutions containing 
0.1/C of pyridine, the constant of the electrolyte is 
found to be 0.75 x 10~^ (see table 25). It is of 
interest that in the case of the latter solutions, the 
extrapolation plots are linear ©s compared with that
<c
a.
O'
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obtained for pure acetone which showed marked deviation 
from linearity much below the critical concentration of 
Puoss (55) of C = 27 X 10*4 N. (see figs 6 end 2 8 ) .
The value of AQ is sli^itly less than that obtaining in 
acetone solutions and would indicate the reduction in 
the mobility of the cation.
The other pyridine-type bases used showed character­
istics similar to those of pyridine, the actual magnitude 
of the effects produced being shown in figs 27 and 28, 
where all the solvent concentrations are to the same mol#$ 
and are equivalent to a 0*lf> (w/w) solution of pyridine 
in acetone#
The mixtures containing quinoline showed a smaller 
conductivity than those containing pyridine, possibly due 
to the lower cationic mobility of the quinoline-silver 
complex# On the grounds of else alone, assuming equal 
numbers of molecules of base to be attached to the silver 
ion, it might be expected that the $ -collidine complex • 
would have a conductivity between that of pyridine end 
quinoline# It was found that this was not the case 
(see fig 27), and the reason is probably to be found 
in the fact that this system gave the largest K value of 
the group studied. It is possibly true, that in this
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instance the lon-solvent interaction is very strong, 
owing to the stronger basic nature of the ^f-collidine •
Ihe <DC-picoline and ^ -picoline showed results similar to 
those obtained for pyridine but with ^-picoline a larger 
dissociation constant was obtained than either of the other 
pieolines or pyridine and this might be accounted for by 
an effectively larger ion in the case of the ^-picoline- 
silver complex#
It is of interest to compare the sequence of the 
strengths of the bases involved with the sequence of the 
dissociation constants in the acetone solutions containing 
the bases* A review of the data for the base strengths 
in water shows the following sequence t -
quinoline « pyridine ^ ^-picoline » $ -picoline
<^C-pieoline ^ jS-eollidine.
(see refs* 51$ 87$ & 95)
whilst the order of the dissociation constants for silver 
nitrate in acetone containing these bases is i-
quinoline ^^yridine ^ ^-picoline « ^-picoline
-picoline -collidine.
(see table 25)
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It can be seen that there is some similarity between these 
two series but since different solvents are involved, 
namely water and acetone, it is perhaps inadvisable to 
draw too many conclusions from these comparisons*
From a consideration of Walden1s Buie (6, 9), 
taken in the form i-
it might be expected that any change in the apparent 
ion-radius, r, would be shown as a corresponding change 
in X ^  . Since the nitrate ion has been shown to be
0 I
little solvated by pyridine, the value for its mobility 
in acetone was taken to hold for the solvent mixtures 
considered. Davies (39) gives a value of 120 for the 
mobility of the HOj ion and this value has been used to 
calculate values for the radius of the complex cation, 
on the basis of Stokes hydrodynamical treatment*
From table 25 it can be seen that the values of r* are 
all considerably larger than that in pure acetone solution 
(3.05 x 10*^cm), the greatest value of r* being obtained 
for quinoline, as might be expected if there has been 
any interaction between the cation and the relatively 
large base molecules.
-95-
Table 25 also shows the value of the "a" 
parameter of Bjerrum (14) and Fuoss (44) and although 
these show some increase over the value holding in pure 
acetone (1*5 2), the increase was not as great as might 
be expected in view of the value of 6.62 obtained by 
Burgess and Kraus (78) for silver nitrate In pure pyridine 
and 5*732 for the seme salt in ammonia at ~33°C (ref 44).
It was assumed by these authors that a relatively large 
cation was formed, whose effective size was then increased 
by further solvation. On the other hand, the data of 
Martin (23) and Walden and Birr (27) for silver nitrate 
in benzonitrile and acetonitrile give "aw values of 
1.62 and 1.32 respectively.
In these circumstances, it is doubtful if any 
quantitative significance can be attached to these "a" 
values, further than that they indicate the distance 
between the centres of ionic charge if purely electrostatic 
forces prevail. It is felt that since sufficient base 
was added to the solution to solvate all the silver ions, 
then the use of Stokes hydrodynamics gives a better 
estimate as far as these solutions are concerned.
From table 25 it can be seen that the larger the value 
of r*, the larger the dissociation constant K, except
cT
<r
[ £
oin
F»cj 3 °
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in the case of solutions containing quinoline#
Here & large ion is indicated, though the value of K is 
the smallest recorded for the bases studied and it is 
suggested that this may be the result of the Ag* ion 
interacting with one quinoline molecule due to the steric 
conditions round the central ion while in other mixtures 
it is probable that complex ions of the type Ag(py)* exist* 
She exact nature of the forces which are active 
in the formation of the complexes is a matter of some 
doubt* It seems likely, however, that the Tf-electron 
density on the nitrogen atom plays an important part in 
the process since fyfe (97) has shown that the order of 
stability of a number of silver-ammine complexes, Including 
pyridine and quinoline, is also the order of the mobile 
TT-electron densities on the nitrogen atoms as given by 
Longuet-Higgins and Coulson (73)*
Turning to the solvent mixtures containing 
additions of ben&onitrile, furan, end triphenylemine, it 
was found that these compounds had little effect on the 
conductivity of silver nitrate in acetone shown by fig 29. 
The Shedlovsky extrapolation plots (fig 30) showed the 
same marked deviations from linearity much below the 
critical concentration of Fuoss (55) end only approximate
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values for A0sn& K could be obtained (table 25)*
fhe existence of complex cations of the type 
postulated for the pyridine bases cannot b© ruled out 
though it would seem probable that, from this present work, 
no such complexes are formed in these solutions. If 
complexes were to be formed, there would be a decrease in 
the mobility of the cation together with a corresponding 
rise in the dissociation of the electrolyte. Ihis latter 
would be shown by the calculated -value for the dissociation 
constant, but it is found that these values are of the same 
order as those for silver nitrate in pure acetone and it 
would thus seem likely that the ions are in no way complexed 
with the added solvent. Ihe postulate that the reduced 
mobility of a complex cation would be exactly counter­
balanced by an increase inthe dissociation constant cannot 
be entirely ruled out though it would appear to be very 
unlikely since the experimental values for the conductivity 
of the electrolyte agree with those in pure acetone.
§(iv) Conclusions«
Except in the case of mixtures containing quinoline, 
it seems probable that the silver ion is complexed by two 
molecules of pyridine base and the effective size of the
-93
ion has thus been increased with corresponding increase 
in the dissociation constant of the electrolyte# It is 
suggested that the low value for the dissociation constant 
of the electrolyte in solutions containing quinoline is 
due to a complex of the form Ag(qu)4, existing in such 
solutions.
A connection is shown to exist between the strengths 
of the bases added to the acetone solutions and the 
dissociation constants of silver nitrate in these solutions 
though it is considered inadvisable to draw too great 
conclusions from these comparisons.
Benzonitrile, furan, end triphenylamine do not 
appear to form complex cations with silver in acetone 
solutions as shown by the fact that the behaviour of the 
electrolyte in these solutions is similar to that in 
pure acetone.
Thus* in the mixtures investigated, it would 
appear that the dissociation of the electrolyte is largely 
governed by the ionic size, whilst the strengths of the 
added bases may also play some part in the dissociation 
process.
-0000O0000-
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TABLE 24
THE COEDTJCTIVm OP SILVER HI I RATE IV ACETOHE SOLOTIOHS■«■«■>»•*■ * w »i»i»’*nii«Hin*ninrM » m ixta «ii M*m>w*M**>iiM wi'**imW'i'i —  i jH'i w» i Mliii m m u i ' »nn tMHMNiki* Miw11 riimriiri ■i»tp iiwAtmnji— wimMM— — M— iwwmm— >
COITTAITOFG DXI^ KEEW!? WEIGH? VBBCERTAGm OE PTEIDIHE
f"‘“ . ......
Weight f> 
of pyridine ...Ao ExlO4
1*0 183.39 1.42
0*3 183.12 1.07
0*1 193.66 0.754
■100-
7ABIB 25
THE C(MTTCCXYITY Of SHYm  rrimn 1ST ACFTCSTb roBirxioPs
f* tyvriV* *>v iv.Aitmm scatr PYHidiBE BASES ABD OTHER. 0OMPOIMDS
Solvent
mixtures 1 Ao KxlO4 M r^xlO^m 8 £
X  --collidine 188,31 1.49 0.572 3.34 2 *15
^ -picoline 189.69 1.25 0,577 3.89 2.17
o< -picoline 194.12 0.805 0.590 3.62 2.01
^ -picoline 192.94 0.804 0.537 3.67 2,01
Pyridine 193.66 0.754 0.539 3.62 2,00
Quinoline 184.70 0.593 0.561 4,12 1.94
Benzonitrile 190 3. 4x102 «■* «*■
Furan 190
—2
3.1x10 — — *«
Triphenyl-
amine
190
. . .. -
2.6xl02 •m
s
•* •m
Physical Constants of Solvent Mixtures
■»rn*ii jiftii urn .-mg wi iwni'i* i<w*wwiiiw>m»i whw.h— m» ■ iw n i»ni<w <'i»«w iww B»<ww iw w »w >—i»>iW<i m
dielectric constant « 20.5
-3Viscosity « 3*04x10
(values from ref 81)
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T m  COOTTJCTIVITT OF SIXVFF HITBATE ITT 99# ACET’OEE
»«■ » j > ■*. I iiii »ii»# w wi« w i » n pgiw wwiiiii>« MM>iiii  >i i m* i m iw »ih • » b k » i » iIi W iwwfci m »iniiw^p 'tK*''if iim m  n iim ^ T  ftim 'Mr-• « #mtjrn*4
( f / y )  MXSTTJFES AT 25°C
—
C x  104 J~Q x  102 A
0.2302 0*4798 164.59
0.4263 0*6533 149*95
0.5698 0.7547 144.32
: 0.7659 0*3751 136.32
0.8567 0*9256 ■ 132.91
1.2023 1.0964 123*88
1*6426 1.2816 114.61
1*7091 1*3072 111.81
2.1666 1.4719 106.23
2*2565 . 1.5022 103*24
2.9300 1.7263 96.66
2.9219 1.7094 95*31
3 *3535 1.9631 89.03
4.0702 2.0175 85*45
15? PYETDIIII
*102*»
TABLE 27
QBE CmmrCTITITY OF SILTEK I f  I T  RATE IS  9 9 #  ACET05E -  1 $> F fR U ISE  
(w/w) MIXTURES ABE THE SHEDLOVSKY EXTRAPOLATION FURCTIOKS
i1 1
CslO4 S(js) 04 io2/as<£) ACf2S(jz)xlO'
0.2302 1.0160 0.83457 0*92357 0.59793 3.556
0.4263 1.0209 0.80975 0.90162 0.64325 5.891
0.5696 1.0237 0.78149 0*88910 0*67368 7.482
0.7659 1.0268 0.74033 0*87586 0.71444 9.338
0.8567 1.0279 0.72270 0.87065 0.73190 10.183
1.2023 1.0320 0.67627 0.85312 0.78216 13.113
1.6426 1.0361 0.62812 0.83616 0.84211 16.310
1.7091 1.0364 0.61294 0.83500 0.86296 16*536
2.1666 1.0400 0.53466 0*82016 0.90473 19.641
2.2565 1.0402 0.56307 0.81920 0.93119 19.852
2.9800 1.0443 0.53421 0*80069 0.99020 24.093
2.9219 1.0441 0.52637 0.80374 1.0049 23.370
3.8535 1.0490 0.49436 0*78414 1.0700 23.243
4.0702 1.0494 0.47436 0.78287 1.1151 28.575
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TABLE 28
THE CQHOTTCTIYITY OF SILTEB HITHATE IN 99»7^ ACETQNE-0.3# PYRIDINE
(w/w) MIXTURES AT 25°C
C x 104
j m m m m  O
/c x 10 A
0.1062 0.3259 162.46
0.2119 0.4604 154.71
0.3474 0.5894 144.85
0.4865 0.6975 136.56
0.693? 0.8359 127.89
0.8896 0.9432 ■119.48
1.0030 1.0039 116.66
1.1071 1.0522 112.93
1.308$ 1.1438 103.53
1.4508 1.2045 105.34
1.4572 1.2072 104.55
1.7906 1.3331 93.82
TABLE 29
THE COMDHCTIYITY OF 
.w/w) MIXTURES
BXLTSR HIT RATE Ilf 99*736 ACETOHE-O.3# BYRXDIWE
FUNCTIONS
CxlO4 Sfe) o L _2** 102/ASfe) ACf2Sfe)xlO^
0.1062 1.0112 0.8970? 0.94706 0.60375 1.653
0.2119 1.0X54 0.85737 0.92764 0.63653 3*033
0.3474 1.0191 0.80614 0.91099 0.67741 4.672
0.4865 1.0220 0.76214 0.39326 0.71654 6.099
0.6937 1.0256 0.71624 0.33282 0.76243 3.091
0.8896 1*0279 0.67067 0.87276 0.31427 9.535
1.0080 1.0294 0.65578 0.36654 0.83271 10.439
1.1071 1.0303 0.63533 0.86264 0.85943 11.111
1.3085 1.0323 0.61182 0.85416 0.89254 12.522
1.4508 1.0335 0.59455 0.34906 0.91353 13.411
1.4572 1.0334 0.59000 0.84930 0.92553 13.371
1.7906 1.0361 0.55915 0.83333 0.97666 , j £ - m  . ..
THE CONDUCTIVITY Of SHYER VITRATK IV 99.9^ ACETONE-O.lg FYRIPIVS
(v/v) MtXTtlHES AT 26°C
" u~7— '
0 x l < r / c  X IQ2 A
0.2620 0.5119 150.87
0.5477 0.7401 130.65
0.7616. 0.8727 120.52
1.0543 1.0269 110.33
1.2754 1.1293 104.29
1.4611 1.2087 100.03
1.6575 1.2874 96.09
1.8732 1.363? 92.32
2.1096 1*4524 88.69
2.3378 1.5453 84.93
2.6930 1.6410 81.47
_2*26Z2_ -  1.3352 7*5 OQ
TAStS 51
THE COVDPCTIYIitY OV SHYER HITBATB I?? 99.Q??» ACSTOYB-O.lfl PYRIDINE 
<v/v) MIXTURES AJTO THE SHEKt,OVSBOr EXTRAPOLATIOV FJMG5X0II3............  - ^ m m a i^m at^am rn rit in.... ......................................n m a nm m i M iiti—Hnrni i  nriii i . i  raw. m .i iB m w  ■ ! •■ ■!■■         , ,   —    
CxlO4 sfe) o C r 2..... ..... 102/ASfe) ACf23fe)xl05
0.2520 1.0160 0.79O29 0.92296 0.65240 3.707
0.5477 1.0215 0.63812 0.89750 0.74929 6.561
0.7616 1.0244 0.63657 0.83456 0.80393 3.317
1.0543 1.0275 0.53452 0.87O84 0.83207 10.409
1.2754 1.0295 0.55356 0.86240 0.93145 11.809
1.4611 1.0309 0.53169 0.85613 0.96974 12.900
1.6575 1.0323 0.51143 0.35023 1.0032 13.930
1.8732 1.0337 0.49203 0.84442 1.0479 15.094
2.1096 1.O350 0.47331 0.83860 1.0394 16.240
2.3373 1.0365 0.45415 0.83238 1.1353 17.507
2.6930 1.033O 0.46306 0.82620 1.1825 13.816
—3.,« 3.523. . X*JM03_ .0.31443- 1 >2.70-5--- —
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IA3L5 52
THE CONDUCTIVITY OF SHYER NITRATE IS 99.932# ACSTOSE-
0.118# oC-lICOI,iro: (w/w) MIXTtJKES AT 25°C
C x 10 4 • fc x 102 A
0.1265 0.3557 169.94
0.2626 0.5125 153.40
0,3926 0.6265 142,86
0.4930 0.7064 135.96
0.5765 0.7593 131.61
0.7385 0.8594 123.95
0,8336 0.9130 120.11
0.9195 0.9589 116.98
1.0593 1.0295 112.46
1.3049 1.1423 105.80
1.5142 1.2312 101.11
1.7975 1.3403 95.69
the a o u m j c r m r r  o v  stiver titrate in 99.332?? acetone-» i im i . t « w . i . iiii— 1x hahw jw wjm  wn iim m hiim xinma iw* -mmmitun w*.u-wrmni.it .aw t mm»>«»w»wfci n . • mu i <■ , m tmMmtmmmv+mrnmumm»
0.118/*’ ^-PICCM[111' AWD Tim CHEDEOVEKY EXTRAPOIJreiOtf FOTCTI0N3
CxlO4 sfe) O L
2
...—
. lC2/ASfe) .. ACf20fe)xl03
0.1265 1.01X8 0.38631 0.94272 0.53156
«*»
2.0507
0.2626 1.0161 0.S0345 : 0.92229 C. 64156 3.7754
0.3926 1.0191 0.75046 0.90880 0.63686 5.1939
0.4930 1.0209 0.71547 0.90020 0.72046 8•222 6
0.5765 1.0221 0.69339 0.89460 0.743 3 3 6.9372
0.7385 1.0244 c . 6 5 4 5 1 0.83472 0.73759 8.2962
0.8336 1.0255 0.63491 0.87970 0.81139 9.0321
C.9195 1.0264 0.61891 0.87554 Q.S32S5 9.6659
1.0598 1.0279 0.59536 0.86936 0.86505 10.651
1.3049 1.0300 0.56172 0.86000 0.91763 12.229
1.5142 1.0316 0.53766 0.85304 0.95363 13.473
1.7975 1.0335 0.50977 0.84432 1.0112 15.018
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TABLE 54
TtTB CONDUCTIVITY OF SILVER HITHATE IN 99.982# ACEBDHE- 
0.118# & -PICQLINE (w/w) MIXTURES AT 25°C
C x 10
0.2218
0.4174
0.6751
0.8713
1.0845
1.2295
1.3984
1 . 5 8 0 4
1.7057
1.8805
2.1492
2.6409
/C x 102
0.4710
0.6461
0.8216
0.9334
1.0414
1.1037
1.1826
1.2572
1.3060
1.3713
1.4661
1.6251
A
157*42 
139.72 
125.6? 
117.80 
110.96 
107.00 
102.93 
99.14 
96.76 
93.7 6
89.69
83.69
fflBIiE 35
w m p wn— lignum
THE COmPTJCTXTXTY OF SILVER TITRATE IX 99.382# ACETO^E-
aO182L.tH;xc0lIM,,m ,.,5nL.,g S ^
CxlO4 Sfc) o C J lX  4. 102/AS(z) ACffslWxlO3
0.2218 1.0150 0.82361 0.92746 0.62586 3.2872
0.4174 1.0194 0.74318 0.90706 0.70210 5*3928
0.6751 1.0235 0.66301 0.88882 0.77748 7.7180
0.8713 1.0258 0.62288 0.87330 0.82754 9.2474
1.0845 1.0280 0.53797 0.86876 0 . 8 7 6 6 5 10.747
1.2295 1*0293 0.56771 0.86314 0.90793 11.688
1.3984 1.0307 0*54686 0.85722 0.94260 12.713
1.5304 1.0320 0.52738 0.85144 0.97742 13.767
1.7057 1.0328 0.51512 0.34773 1.0007 14.451
1.8305 1.0339 0.49963 0.84300 1.0316 15.368
2.1492 1.0356 0.47373 0.83634 1.0766 16.695
2.6409 1.0381 0.44729 0.82574 1.1524 18.923
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TAPLE
THE COSEtJCTIVITY 0? SILVER HIS RATE X!f 99.382^ . ACETQfiTE-
0.118# -FIC0I1HS (w/-w) MXXTTJHES AX 25°0
C x 104 ycfx 102 A
; 0,1665 0.4031 169,03
j 0.5069 0.5539 156.00
0.4849 0.6964 , 145.74
I 0*6452 0.8033 133.19
0.8033 0.8963 131.93
0.9629 0.9813 126.70
1.1477 1.0713 121.38
; 1.2921 1.1367 117.76
1.4514 1.2048 114.17
| ' 1.5750 1.2550 111.62
| 1.7459 1.3213 103.39
2.0070 1.4166 104.05
THE CONPtrCTTTITY OF SILVER KITHATE IS  39.882? ACETOME- 
0.118# y  -FIC01XH3S Arm THE SHBPLOVSKY EXTRAPOLATION FTOCTIOHB
CxlO « OC 'Jl XOVASfe! |ACf|sfe)xl05
0.1665
0.3069
0.4849
0.6452
0.8033
0.9629
1.1477
1.2921
1.4514
1.5750
1.7459
2.0070
1.0133
1.0179
1.0219
1.0246
1.0268
1.0289
1.0309
1.0323
1.0337
1.0346
1.0361
1.0380
0.90457
0.83791
0.73583
0.74713
0.71509
0.63739
0*66028
0*64146
0.62275
0.60937
0.59259
0.56991
0.93392
0.91452
0.89694
0.88438
0.87600
0.86642
0.35732
0.85180
0.34573
0.34143
0.33592
0.82826
0.53336
0.62976
0.67145
0.70626
0.73790
0.76711
0.79917
0.82264
0.34731
0.86595
0.89047
0.92593
2.6661 
4.4566 
6.4732 
8.0840 
9.5362 
10.877 
12.320 
13.380 
14.488 
15.305 
16.390 
17.954
5ABIS 38
im CQTsPTTCTIYXTT Off SILYKH WITHAIS Iff 99.847%--ACBgQftS- 
0.153# fr-COIXXIlirn? (v/w) MIXTTJIiES AT 25°C
C x IQ4
/—  2 
v C x  10 A
C.07526 0.27434 178.31
0.16376 0.40466 170.34
C.23363 0.48335 164.85
0.32531 0.57036 157.39
0.40375 0.63541 152.92
0.49236 0.70168 148.50
0.59705 0.77269 143.69
0.70269 0.82826 139.50
0.77418 0.87988 136.86
0.93029 0.96452 131.77
1.0963 1.0471 126.93
1.3105 1.1448 121.70
THE
0.153#
COKPTJCTTVTTT OF SIlTiSR NITRATE IN 99.847# ACETONE-
iTfiymnwwmaoOTUiri w.w.mL^ aa*i>iinmimtfwa<nn mi imu waW HMi hiiw r i tf t i n  ■ mw—M iifm n  ww i.h  ■ m , m i iwniw i
5 • J O O L Z W i m  AND THB SHKDI*0V5PSCT DX7RAP0DATT0?? FTJOTTIOTiTS
CxlO4 sfel. at 1 f2 IQ2/Agfa) ACf*Sfe)xl03
0.07526 1.0095 0.95655 0.95384 0.55556 1.2922
0.16376 1.0133 0.91769 0.93399 0.57907 2.6413
0.23363 1.0162 . 0.39016 0.92280 0.59693 3*6115
0.32531 1.0188 0.85210 0.91042 0.62363 4.7490
0.40375 1.0206 0.82937 0.90308 0.64074 5.6906
0.49236 1.0224 0.80682 0.89490 0.65863 6*6896
0.59705 1.0243 0.78213 0.88658 0.67344 7.7908
0.70269 1.0260 0.76053 0.87916 0.69867 8.8421
0.77413 1.0270 0.74692 0.87462 0.71144 9*5163
0.93029 1.0291 0.72061 0.86568 0.73746 . 10.920
1.0963 1.0311 0.69576 0.85740 0.76377 12.307
1.3105 1.0333 0.66826 0.34300 0.79523 13.975
SHE COfllKJCTIYXTY 0? SXIiTCB. HIT3ASE IN 99.'837£ *CBT<TO-
o.iCTf- o m m z v m  ( w /\-)  utxswses at s r,°c
G x 104 /O  x 10* A
0.13211 0*42674 147.33
0.36704 0.60534 129.11
0.50442 0.71022 120.02
0.69479 0.83354 110.43
0.34213 0*9X763 104.6?
0.92755 0.963X0 101.74
1.1239 1.0624 95.86
1.2203 1.1046 93 * 49
1.4136 ■ 1.1390 83.11
1.5674 1.2520 36.07
1.7755 1.3325 32.47
2.1471 1.4653 77.09
TJ.EEB 41
THE OOHDTOTIYITY 0? SIEVES KITRAIE Ilf 90.837/- ACETONE- 
0.163?* QTTIWOIIHE AiCO THE SHEPIOTSKY EXTEJ>?OLATION FtMCTIOSTS
CxlO4 S(s) c*C 9. ,...... ... 10^/AS Os) ACf|s0s)xlO5
0.13211 1.0139 0.31420 0.93442 0.6669 2.5514
0.36704 1.0185 0.71403 0.91376 0.7605 4.4103
0.50442 1.0209 0.66537 0.90296 0.8161 5.5303
0.69479 1.0236 0.61410 0.Q9128 0.8343 7.0029
0.34213 1.C252 0.53272 0.88390 0.9319 7.9376
0.92755 1.0261 0.56690 0.87910 0.9579 3.5125
1.1239 1.0280 0.53513 C.87202 1.0148 9.7012
1.2203 1.0233 r\ rAo-ii A OC«OA V . V* '-J w W W 1.0396 10.193
1.4136 1.0302 0.49851 0.86252 1.0393 11.193
1.5674 1.0313 0.43202 0.85302 1.1266 11.933
1.7755 1.0326 0.4-6244 0.35246 1.1743 12.890
2.1471 1.0347 0.43315 0.34376 1.2537 14.451
THE COHDTTCTITITy OF SII.VSR T?ITRATK It? 99.37 # ACE W E -
........................I"  11 f“ i i i i  I in' I ' f rm i •Hirir^mni~»ffilf& r » t f  f i a n  j i r  iin mni n rinu»>*» ^ mmhwi. i—  i
0.13# BE8Z0»XtHn» (w/w) MIXTURES AT 25°C
C x 1G4 sfo x 102
f".. ..—
A
0*15311 0.31329 69.74
0*32723 0.57205 52.12
0*50563 0.71111 43.72
0.63514 0.82773 33.43
0.90962 0.95374 34.23
1.0706 1.0347 32.00
1.2235 1.1087 30.19
1.4441 1.2017 28.28
1.6783 ■ 1.2955 26.55
2.1123 __1* 453 4_ J 24.25
THE COKDOCIITITT OF SIIYBB KITRATE Iff 99.87# ACETOffB-
MWW'iWl I B*IH  il »■*<■!»11'JlWM— WNWMUMIWWMI WlMWWa^WWlWWMWMWt
M. tswara mrir m tjtt.ip a'Km mtrtt m^mr.Atrerfrv irrwPA'DrtT. a ittaw TOfini
CxlO4 sfc) o£
nwi-Mm-imw’iHiTnw1! *<♦•« 
2r:... .I-*., . 102/ASfe) ACf|s(z)xl03
0.15311 1.0080 0.35149 0.95994 1.4225 1.0332
0.32723 1.0120 0.26326 0.94959 1.8993 1.6360
0.50568 1.0116 0.22114 0.94280 2.2611 2.1085
0.68514 1.0126 0.19482 0.93767 2.5664 2.5032
0.90962 1.0137 0.17349 0.93242 2.8319 2.9430
1.0706 1.0144 0.16230 0.92920 3.0306 3.2292
1.2295 1.0150 0.15321 0.92639 3.2634 3.4902
1.4441 1.0157 0.14362 0.92292 3.4314 3.8233
1.6783 1.0164 0.13493 0.91856 3.7057 4.1601
2.1123 1.0176 0.12338 0.91399 4.0524 4.7641
Tins co?tojctiyity o? silver witbatb is 99.914# acetosb-
O.OB6/ HTRAff (7./w) MIXTtTHES AT g5°C
C x 10 4 J c x  102 A
0.20945 0.45764 59,04
0.42047 0.64843 44.82
0.65091 0.80680 37.42
0.86556 0.93035 33.22
1.1415 1.0634 29.66
1,3225 1.1490 27.96
1.4840 1.2183 26.50
1.6326 1.2777 25.49
1.9368 1.3917 23.82
2,1606 1.4699 22,82
2.4236 1.5568 21.83
2.7204 1.6493 20.89
TABLE 45
THE COHPPCTITITY OF SILVER KITRATB IN’ 99.914/ ACETOSTS- 
0.086/ EXTRAS! ACT THE SHEDLOVSKY EXTRAPOLATION EXXSrCTIORg
C^LO4
1 
^
f 
m l"S
..... **.. 102/AS&) ACffsfeJxlO5
0*20945 1*0091 0.31356 0*95587 1.6735 1*1927
0*42047 1.0113 0.23856 0.94574 2.2062 1*8024
0*65091 1*0128 0.19947 0*93350 2*6386 2.3152
0.36556 1*0139 0*17727 0.93332 2*9636 2.7210
1.1415 1.0151 0*15346 0.92730 3.3214 3.1837
1.3225 1*0153 0.14943 0.92466 3.5209 3*4731
1.4840 1.0163 0.14175 0.92239 3.7130 3.6865
1.6326 1.0167 0*13640 0.92022 3*8536 3.8934
1.9363 1.0176 0.12757 0.91614 4.1255 4.3010
2.1606 1.0183 0*12230 0.91342 4.3033 4.5860
2.4236 1.0189 0.11707 0.91044 4.4953 4.9079
2.7204 1*0196 0.11210 0.90730 4.6951 5*2572
RTB COTOTTCflTIfY Off SIIYBB CTia'Rm Iff 99.69# ACETQ8E-
0.31 ^ TRXHgrmiMire ( v /w ) MIXTURES AT 25°C 
C x 104 n / C  X  10* A
0.10233 0.31983 70.42
0.22315 0.47249 52.92
0.36570 0.60473 43.33
0.43423 0.69336 38.57
0.64143 0.80089 34.23
0.94193 0.97055 29.21
1.2353 1.1114 26.12
1.4052 1.1854 24.80
1.6022 1.2653 23.53
1.7348 1.3171 22.83
2.2619 1.5039 20.61
THE COBXmCMTm Off SILVER HXTBAIE IK 9 9 .69# ACBXOKE- 
0.31'j? TEIFffEWTLJPIISE AiTO THE SHSraOTSOT EXTRAPOLATIOtT FiJgCTIOUS
ChtlO4 Sfe) 0 L J2 10 /AS |s) ACf|sfe)xlO'
0.10233 1.0056 0.35443 0.96702 1.4107 0.7014
0.22315 1.0034 0.26682 0.95792 1.8739 ^ 1.1407
0.36570 1.0097 0.21875 0.95140 2.2857 1.5220
0.48123 1.0107 0.19491 0.94732 2.5652 1.7382
0.64143 1.0115 0.17337 0.94297 2.8840 2.0972
0.94193 1.0129 0.14793 0.93634 3.3798 2.6096
1.2353 1.0140 0.13243 0.93122 3.7756 3.0467
1.4052 1.0145 0.12530 0.92860 3.9745 3.2330
1.6022 1.0151 0.11943 0.92532 4.1867 3.5430
1.7348 1.0155 0.11592 0.92404 4.3133 3.7164
2.2619 1.0168 0.10473 0.91730 4.7719 4.3505
SECIIOW XIX
THE CONDUCTIVITY OF SltiYER NITHATE ITI EEWZOiTXTRItB 
AMD 3EWZ0WITHI1B-BTHAW0E MIXTOTES
THE CONDUCTIVITY OF 81IVES KITHAIE IH BENZOWT1THILS
i.ro MIXTURES
§(i) Historical.
The behaviour of silver nitrate in benzonitrile
was studied by Martin in 1928 (23) who obtained a value 
for of 52.18 by the extrapolation of a plot of
Davies (38) has recalculated the value of A^ to obtain 
50.20 with the result that the value of K is altered to
Ho further work appears to have been done in 
this solvent with silver nitrate as the electrolyte and 
therefore it was thought wise to repeat the work of 
Martin and also to investigate the effect on the 
conductivity of small additions of a solvent having the 
same dielectric constant as benzonitrile. Ethanol was 
chosen for this purpose, being a hydroxylic solvent in 
which the conductivity of silver nitrate had been 
previously determined (23).
A against yC. He also obtained a value for the 
dissociation constant of 4 x IQ""4 though more r e c e n t ly
4.72 x 10”4.
u
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§(11) Experimental *
Certain, difficulties were encountered in obtaining
a quantity of benzonitrile which w&s pure enough to give
consistent results# It was found that the solvent
conductivity was a good indication as to the purity of
the solvent and that, in benzonitrile having a specific
-(> -1conductivity less than 0.04 x 10 ohms , good agreement 
between experimental runs could bo obtained. Such
wdilution .runs’* were made as described In Section la and
the results are tabulated In tables 43 to 52 and shown in 
graphical form in figs 31 to 34. Values of A0 and K 
were obtained by means of the Shedloveiey extrapolation 
method and are shown in table 4*3. The results of Martin 
are compared with those obtained in the present investigation 
in fig 31 and fair agreement Is shown to exist# The 
physical constants used for the benzonitrile solutions were?-
Dielectric Constant » 25*19 (ref 49)
Viscosity « 12.4x10^ (ref 23)
§(iii ) Discussion.,.
In Section Ila of this thesis, silver nitrate was 
shown.to be a very wes3c electrolyte in acetone and it was 
suggested that the association process was not entirely
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governed by Coulombio forces but that other inter-ionic 
forces played an Important part. It was pointed out 
that this might explain the fact that Bjerrum*s theory 
applies in strongly basic solvents since the acidic 
silver ion will react preferentially with the solvent 
molecules producing larger ions which would favour the 
dissociation process. However, in solvents of feebly 
basic character, the inter-ionic forces would predominate 
and favour the association process. It was, therefore, 
considered that useful information mi^it be obtained on 
this matter if the dissociation constants were compared 
for silver nitrate in a variety of solvents having similar 
dielectric constants but being very different by virtue of 
their sol vent-solute interaction. Such a comparison is 
made in table 43.
Fuose and Kraus (44) have pointed out that ammonia 
forms a stable complex with the silver ion and hence in 
this solvent the cation is relatively large and solvation, 
in the sense of solvent dipoles oriented by the ionic field, 
further increases the effective radius. This results in 
silver nitrate being a much stronger electrolyte in 
ammonia (D « 22 ) than in any of the other solvents considered*
Ethanol has been seen to be a "levelling* solvent 
(page 64), that is, one which solvates both the anion
016-
s.n& cation, and so it la not surprising that the dissocia­
tion constant for silver nitrate in this solvent is of the 
same order as in ammonia. In the latter case, the 
cation is large due to solvation effects while the anion 
is unsolvated, but In ethanol both ions are solvated and 
so the distance of closest approach of the ions might be 
ejected to be similar in these two solvents if the solvent 
molecules are retained in the ion-pairs* However, in 
most solvents, it seems unlikely that the molecules in the 
solvent sheath of the ion are retained in the ion-psir. 
Sadek end Moss (112) have suggested that the removal of 
the last solvent molecule separating the ions in the 
ion-pair is a discrete step in the association process 
and therefore the type and extent of solvation of either 
or both the ions is likely to play an important part in 
this process.
In contrast to ethanol, benzonitril© was seen to 
be a "differentiating" type of solvent, as far as silver 
nitrate is concerned, and this will mean that the cation 
will be preferentially solvated. As compared with 
ammonia, however, the solvation is not likely to be great 
and the acid-base forces will favour the association, 
rather than the solvation, process. This is clear from
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the value of the dissociation constant for silver nitrate 
in this solvent which is the lowest value in table 43.
On the addition of ethanol to the benzonitrile solution, 
the dissociation of the electrolyte increased ©nd this 
was probably the result of increased ion-solvent interaction 
since the anion will now be solvated by ethanol molecules.
In the case of binary mixtures, where the ions are solvated 
preferentially by one of the components of the mixture, it 
is likely that the local dielectric constant near to the 
ion will be different from the bulk value and this may effect 
the association-dissociation process. This complication, 
however, is not likely to arise to the same extent in 
benzonitrile-ethanol solutions as in the other solutions 
studied since both components of the binary mixture have 
approximately the same dieleotrio constant. Hence, 
solvation effects must be responsible for the increase in 
dissociation of the electrolyte.
In the case of the aqueous acetone solution, the 
bulk dielectric constant may not be the operative one in 
the association process since the solvent round the ion 
may be predominantly aqueous. This would result in a 
greater dissociation of the electrolyte then might be 
expected for a solvent having a bulk dielectric constant
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of 24* Working in the opposite sense ere the inter-ionic 
forces which have been shown to be very strong in the case 
of silver nitrate in acetone, ©nd it would appear that 
these two factors may approximately cancel eachother out : 
with the result that the silver nitrate behaves very 
nearly as a normal electrolyte in this acetone-water 
mixture having a bulk dielectric constant of 24*
The foregoing conclusions that solvation is 
largely responsible for changes in the degree of dissocia­
tion of silver nitrate is further shown by a comparison 
of the distance of closest approach of the ions as given 
by the fjerrum treatment (table 48). Mrely electrostatic 
forces are assumed to exist between the ions, whereas in 
the case of silver nitrate other forces ere probably 
effective in the association, process. However, the
trend in the value of "a" is indicative of the degree of
*
solvation likely to exist in these solvents.
(*Hote* The "a" parameter for ammonia was recalculated 
since the value given by Moss and Kraus (5*782.) in ref ,44 
did not agree with that given by James (3*45f) in ref. 91 
using the same values of K end D).
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It Is of Interest to compare the Walden product,
A0y| , for silver nitrate In two of the solvents considered 
above which have nearly the same viscosities* These are 
ethanol ( ^  » 10*9 x 10~^) and benzonitrile ( ^  » 12*4 x 1G~^) 
and the product is seen to be 0*439 and 0.634 respectively. 
This would indicate that there is a greater solvation effect 
in the case of ethanol than in benzonitrile, which is in 
agreement with the conclusions regarding solvation which 
were drawn from a consideration of the dissociation 
constants and hence from the "a" parameters.
!(iv) Conclusions*
Benzonitrile was considered to be a suitable 
solvent in which to determine the dissociation constant 
of silver nitrate in order to obtain information regarding 
the effect of solvation on the essoeiation-dissociation 
process* The behaviour of the electrolyte in this 
solvent is compared with the behaviour of the electrolyte 
in other solvents and binary solvent mixtures having the 
same macroscopic dielectric constant and it would appear 
that specific ion-solvent interaction can be detected in 
this way* The extent of such solvation is indicated 
by the value for the distance of closest approach of the
-120-
Ions end, in the case of ethanol and benzonitrile, by 
the Walden product, •
-ooooOoooo-
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TABLE 48
THE CQ1TOPCTIVXTY Off SILVER TfXTBilB Ilf SOME 
BOLTOSTTS Of SXM1IAR BXEBBCfBIC CONSTANT
Solvent B KxlO4 0 VI at
Ammonia
(-33°C) 22 48.5 2.6 291 0.756 3.38
Ethanol 24 44.0 10.9 44.82 0.489 2.72
Acetone- 
water 24 11.8 4.37 124.4 0.544 2.02
Benzonitrile- 
ethanol' 23 4.81 12.4 53.82 0.667 1.70
Benzonitrile 25 2.53 12.4 55.18 0.684 1.53
Bata from present worlc except for i-
(i) Ammonia...........refs• 2, 4*
(ii } Ethanol..........ref s. 28 >33.
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TABLB 49
THE CPTTOTTCTIVXTY Of SILVEB E i m T E  1W m M ZCM lfHIIE AT 25°C
I
0 x ID4
i * p
/0 xlC£ A
1*2.333 1.1105 40.39
2*7612 1.6617 33.99
3*0191 1.7375 32.99
3*2303 2.2915 2 3 . 0 6
7.4603 2.7314 25*04
8.8355 2.9724 23.54
11.630 3.4103 21.48
1 5 * 3 2 6 3.9148 19.43
22.514 4 . 7 4 4 9 16.83
26.162 5.1143 15*90
36.226 6.0183 14.01
47.624 6.9011 12.52
52.477 7.2441 12.13
7 2 * 4 9 7 8.5145 10.61
91.948 9.5889 9.63
110.33 10*503 9.02
134.95 11.617 S.37
H 2Ul UJ
a oq
TABLE 50
T\11 C03OTCTIV1TY OF SIXTER NITRATE IN BENZONITRILE
AND THE 3HEPL0TBKY FXTRAFOLASXCm FUNCTIONS
*srOO
sto o C J l 1G2/A8^) AC£^ Sfe)xl05
1.2333 
2.7612 
3.0191 
5.2503 
7.4603 
8.3355 
11.630 
15.326 
22.514 
26.162 
36.226 
47 • 62 4 
52**17  
72.497 
91.943 
110.33 
134.95
1 * 02 57 
1.0353 
1.0363 
1.0443 
1.0502 
1.0530 
1.0582 
1.0637 
1.0721 
1.0757 
1.0840 
1.0930 
1.0944 
1.0999 
1.1126 
1*1193 
1.1276
0.76256
0.63982
0.62159
0.53273
0.47313
0.45063
0.41328
0.37577
0.32806
0.31093
0.27612
0.24842
0.24137
0.21301
0.19582
0.18357
0.17160
0.38234 
0.34236 
0.33792 
0.30582 
0.78367 
0.77294 
0.75374 
0.73363 
0.70413 
0.69200 
C.66431 
0.64147 
0.63169 
0.60214 
0.57827 
0.55940 
0.53732
2.3843
2.3417
2.9250 
3*4126 
3*3027 
. 4.0342
4.3995 
4.8334 
5*5423 
5.3466 
6»58 46 
7.3190 
7*5330 
8.5353 
9.2850 
9*9049 
10.595
4.564 
8.185 
3.649 
12.399 
15.416 
16.928 
19.920 
23.233 
28.604 
30.965 
36.575 
41.740 
44.006 
51.142 
57.265 
62.312 
68.43 4
*■12 4™
THE COKPtJCTIVITY OF SXLTEr. KIIRATB IS 93.96?- BBSZOiSrcimE
1.04'$ BTH.AWOX (w/vr) MIXIUKES AT 2S°C
C x 1C4
----- —
/—  p
s /c  x  l ( r A
1*2178 1.1035 43*64
2*731? 1.6528 33.34
4.2649 2.0652 34.76
5.7762 2.4033 32.25
7*8951 2.8098 29.62
10.129 ■3.1825 27.54
12.526 3.5392 25.78
15.504 3.9375 24.09
18.440 4.2941 f^ rs 17 c £& • /P
25.637 5.0633 20.51
37.017 6.0842 17.82
W w —w n fc^ s« |U t.» i!Muww^ ti|<<iimiwBWiwMIBHHMWtl«ll»lUlllHWIIUMUIWHW«WHHHWHgg BBini»»IBllll«Bllltl!l»|JU*IHIIUI»t» H HJUUi* MIIHW*mWUUUI HBMIHIjmiUtaMIUtWWWuaWWWIWHMmimiHHWtWMIiaHHIIIWWWIHHWIHl HtWMJtli MHllHilluuuiwwnffJil WHHUWHW UWH IlHitmi II J»
she comjcrrvTTr oe suvi-r. sigraTB rs 93.96# bessofiiTsiLE-
1.04# EfHAMOE (w/w) MIXTURES AT 2SQC
0 x ID4
rmmmm 0
s / C X  I Q * A
1*2178 1.1035 43.64
2.7315 1.652s 33.34
4.2649 2.0652 34.76
5.7762 2.4033 32.25
7.8951 2.8098 29.62
10.129 3.1325 27.54
12.526 3.5392 25.78
15.504 3.9575 24.09
18.440 4.2941 22.75
25.637 5.0653 20.31
37.017 6.0842 17. B2
-125-
ihs cokdoctiviet op buyes a i r a m  in 98.953 benzcsxiriiiE -
1.04# ETiTAi'iQL ASP M B  saEXDOVSgY IXTRAPOIASIO?? gPNCTIOATB
CxlO4 S{b) o C «p2Ajfc 102/ASfe)
r---~
ACf|sfe)xl03
1.2173 1.0264 0.31440 0.87936 2.232$ 4.797
2.7315 1.0373 0.72309 0.83410 2.$144 9.061
4.2649 1.0446 0.66019 0*80524 2.7541 12.470
5.7762 1.0501 0.61574 0.78394 ' 2.9528 15.335
7.8951 1.0563 0.56337 0*76069 3.1961 18.790
10.129 1.0616 0.53157 0.74117 3.4204 21.948
12.526 1.0664 0.49935 0.72401 3.6374 24.932
15.504 1.0715 0.46932 0.70397 3.3742 28.252
18.440 1.0760 0.44507 0.69090 ' 4.0351 31*187
25.637 1.0350 0.40066 0.66123 4.5380 37.356
37.017 1.0962 0.35517
.
0.62633 5.1193---  .rT. Tr_. . 45.290
SECTICM IT
Tim corouctxtiit of silteh m im r E  in  ethtleto glycol. 
i n  aqueous ethileiie cltcol mixtohes and ct ethylene
GLYCOE SOLOTIQKS CQUTJOTIWO SOME PYKTDIHE BASES
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SECTIOffT XT
THE COTOtJCTITISY OF SILVER NITRATE Hf ETHYLENE GLYCOL,
Iff AQUEOUS ETHYLBffE GLYCOL MIXTURES AND Iff ETHYLENE 
GLYCOL SOLUTIONS CONTAINING BOMB FYRIPINE BASES
§(i) Historical.
Solvents of a hydroxylio type have been used 
extensively In the study of the conductivity of electrolytes 
in non-squeous and mixed solvents. Although water has 
received the most attention as a solvent of this type, 
the behaviour of a large number of electrolytes in ethanol 
end methanol has also been investigated.
Gurney (102) has discussed the fact that ethylene 
glycol is a 1 suitable solvent for comparison with water, 
without the eccentricities of the latter*, tut there is 
relatively little data available for solutes in ethylene 
glycol, either alone or as a component of binary mixtures.
Mftller, Easchka and Wittman (19) studied electrolyte 
behaviour in this solvent and calculated values of AQ for 
& number of salts, but it was felt that certain of their 
values required further investigation in the light of 
modern theory.
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Garrett end co-workers (71, 76 ) have reported the 
conductivities of thallous chloride and lead chloride over 
the complete aqueous ethylene glycol concentration range. 
For the former salt, they found that the dissociation 
constant showed a minimum value for solutions containing 
60^ ethylene glycol and suggested that this might be the 
result of a wsolvent sorting effect* which would reduce 
the value of the dielectric constant in the immediate 
neighbourhood of the ions, facilitating the formation of 
triple-ions. With lead chloride, the discrepancies 
between theory and experiment were accounted for by 
differences between the macroscopic and so-called 
microscopic dielectric constant, the values of the latter 
being calculated from the experimental results. However,
James (86) showed that the experimental data could be 
satisfactorily treated without recourse to a microscopic 
dielectric constant by use of ion-association and the 
assumption of the existence of the FbCl+ ion in solutions 
of lead chloride, an assumption supported by spectroscopic 
evidence (see Fromherz and Kun-Hou Lih, ref 30). Binary
mixtures of water end ethylene glycol have been used by 
James (91. 94) in an investigation into the type of forces 
involved in the association process, where it was found
-128-
that in water-rich mixtures, the deviations from Onsager’s 
theory could be explained by ion-pair formation being 
governed by purely electrostatic forces, but as the dielec­
tric constant fell, this essumptioa became less tenable*
In Sections IXa and lib of this thesis, it has been 
shown that, for silver nitrate in acetone and binary 
aqueous mixtures, the dissociation constant was not entirely 
dependent on the dielectric constant of the solvent and it 
was suggested that forces other than the electrostatic 
attraction between the ions, were involved in the 
association process* It was thought that if the behaviour 
of silver nitrate in the ethylene glycol-water system was 
studied in a similar manner to the acetone-water system, 
further information regarding the e.ssociation-dissociation 
process would be obtained. Further, it was considered that 
the effect of change in the effective size of the cation 
would be obtained if certain organic basesj for instance, 
pyridine end quinoline, which interact strongly with the 
Ag4* ion5 were added to the ethylene glycol solutions.
The experimental figures for the conductivity of 
silver nitrate in ethylene glycol alone, and in solutions
Fiq 35
CONDUCTJV’lTl£S OF WrT^AT£ IN
£ T H  YUEN EE Q£»YCO&» A W  £> A ^ U £ C © S  
or ITTH YLXN E AT Z 5 0C.
A
raa^1 ^
^ 0/ WoJcr
■30
JO
^0/ woJer
!0% wefcr
100% Oycoi
me
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containing 10$, 20$, 40$, 60$, and 80$ waterj 1$ pyridine, 
and 1*62$ quinoline are given in tables 57 to 72*
The physical constants of the solvent mixtures are given 
in table 53 together with derived constants*
The A -F plots for the mixture© over the concen­
tration rang® studied were linear and showed only small 
deviations from the theoretical Onsager slope, indicating 
that the salt m s  dissociated to a very large extent* 
i'he extrapolation method of Shedlovsky (62) was used to 
determine values of A Q end K, but since the electrolyte 
was almost completely dissociated the value of the latter 
will not be of a high degree of accuracy* She values of 
the distance of closest approach of the ions, waM, as 
calculated from the Bjerrum theory (14) using these value© 
of K will also be subject to error, although they can be 
regarded as being of the right order* The values for 
the Stokes radius wr* were obtained assuming the mobility 
of the ©nion and cation to be equal and using Walden* © rule 
in the form t-
when r « r+ + r_
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It 1© realised that this is a somewhat arbitrary 
assumption but in many solvents the mobility of the enion 
and the cation does not differ a great deal* Application 
of this assumption to the data for silver nitrate in water
gives an * r n value of 2* 7% which compares favourably with
the sum of the radii determined from ionic mobilities, 
namely 2*632 (see Moelwya-Hughes, ref 75)*
l(iii) Discussion*
It might be expected that solutions of silver nitrate 
in ethylene glycol would show certain similarities to 
solutions in water (see Gurney, ref 103), if allowance could 
be made t~
(&} for reduced mobilities of the ions due to the 
high viscosity of the solvent|
(b) for any solvation differences $ and
(c) for the greater possibility of lon-association
due to the lower dielectric constant of the 
ethylene glycol (B « 37*7)*
In the system studied, this latter is not of cardinal 
importance since it has been seen that the salt is very 
largely dissociated even in pure ethylene glycol* As far 
as changes in solvation are concerned, it is usually
F.q 3 < £
p K / ^
D RLOT FOR SlLVEfL NITRATE IN SOME 
HrDfcOxri»lC SOLVENTS AT £5 *C
pK/'k
£Tt4TU£Nr Qurcou SOLUTIONS
PLOT  FOR. S ILV E R , ^ S T R A T £
o
fu.-ra, Elhylene 
qiycol
8
K
4
i
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accepted that the value of the Walden product, AQt| , gives 
an Indication of such changes* fable 5$ gives the value 
of this product for a number of hydroxylic solvents and it 
can be seen that the value ie largest in ethylene glyool 
leading to the conclusion that "the ions are less solvated 
in this solvent than in any of the others, and indeed, it 
may well be that the ions possess no primary solvation in 
ethylene glycol (see Davies, ref 37, 38).
Mo elwyn-Hughe s (75) showed that when Q° was plotted 
as a function of 1/D for an electrolyte in hydroxylic solvents 
a linear relationship existed. F ig  56 shows a similar plot 
(pK - 1/P) for silver nitrate in some hydroxylic solvents 
including the value for this electrolyte in ethylene glycol, 
end it can be seen that the co-linearity is maintained. 
However, when such a plot was made for the ethylene glycol- 
water system (fig 37)* no such simple relationship held, 
a fact that was also noted when the acetone-weter system was 
considered (Section lib), the value of K b e in g smaller then 
would be expected in a pure hydroxylic solvent of the same 
bulk dielectric constant. The exact reason Is not clear 
but there are several factors which may contribute, namely t -
(I) a partial breakdown of the hydrogen-bonded
structure of the ethylene glycol (cf Sadek end 
Fuoss, ref 111)5
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(11) a change from the bulk dleleotrie constant 
of the solvent due to electrical saturation 
near the ioaj or 
(ill) preferential solvation leading to a region 
near the ion which is predominantly of one 
component of the binary mixture with result­
ing change in dielectric constant*
Yet a further factor which should not be neglected Is that 
preferential solvation could lead to the microscopic 
viscosity differing from the bulk value of the solution 
(see Griffiths, ref 108).
A comparison of the values of the parameters "r" and 
*©* given in table 54 show that, in general, the value of 
nrf increases end that of "a* decreases as the bulk dielectric 
constant is raised by the addition of water. If Stokes 
hydrodynamics is applicable to these solutions, it would 
seem reasonable to conclude that sine© the value of nr n 
increases as the water is added, then the ions are becoming 
solvated by these more polar molecules. James (91) found 
that for lanthanum ferricyanide in water-rich ethylene 
glycol solutions, the solvation appeared to be predominently 
with water molecules, the extent of hydration being almost
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independent of the water concentration. However, the 
solvent mixtures he used always contained more than 80 mol $  
of water, whilst In the present investigation the complete 
concentration range was considered.
As far as the Ma* parameter is concerned, it is 
difficult to reconcile the values obtained with the values 
of the Stokes radii l#rw. It is true that the calculation 
of the naw values may be subject to some considerable error 
since the electrolyte is a relatively strong one in the 
solvent studied, but even so there is a large difference 
between those values obtained for ethylene glycol solutions 
containing less than IQ fi water and the values obtained for 
the mixtures richer in water. fhe calculation of these 
values is based upon the Bjerrum theory which supposes purely 
electrostatic forces to hold between the ions which are 
considered to be rigid unpolsrisabl© spheres in a medium, 
the dielectric constant of which remains unaltered and is 
the bulk dielectric constant. It is considered that the 
preferential solvation of the ions with water will mean 
that as the ions approach, it will be possible for the local 
dielectric constant of the medium between the ions to rise, 
since it will be relatively water-rich* fhis rise will 
go to supplement the effects, (a) of the overlapping of the
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solvation sheaths of the ions , and (b), of the electrical 
saturation. This idea, however, Is not applicable to 
solutions In pure ethylene glycol where the "a" parameter 
has its greatest value*
0i considering the solutions to which small 
additions of pyridine end quinoline were made, it can be 
seen that the Mr* values increase somewhat over the value 
holding in ethylene glycol, a fact which is in accord with 
the observation© of tlllch (21) that pyridine forms complexes 
only with the Ag+ ion* Although the solutions have 
essentially the same bulk dielectric constant, the K values 
are markedly different, being 0*08 for solutions containing 
pyridine and 0*71 for those containing quinoline, and this 
fact is reflected in the "a" parameters of 3*9! and 6*9! 
respectively* As a result of this, it is once ©gain 
difficult to reconcile the values of the "r* and 
parameters, though the latter may be affected by © "solvent 
sorting effect" similar to that postulated for the aqueous 
ethylene glycol solutions.
§(iv) Conclusions.
It is evident from the results that pure ethylene 
glycol solutions of silver nitrate show characteristics
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common to the other hydroxylic solvents mentioned, in as 
far as the dissociation constant appears to be controlled 
by variations of the bulk dielectric constant. When binary 
mixtures are considered, however, no such simple relationship 
hold®, a fact which is particularly emphasised in solutions 
containing organic bases, where the bulk dielectric constant 
remains sensibly the same but the dissociation constant 
alters appreciably.
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TSE PHYSICAL CQffSTAflTS ATO ITJHOTlGIfS FOR
AQTOOTS BTHYIBHB GLYCOL MIIOTKBS A3? 25°C
Percentage •
» Y|xl05
Onsager constants Bebye-HUekel
constant
AGlycol 0 j6
100 37.7 180.9 4.292 0.6883 1.5309
90 43.7 13B.3 5.207 0.5516 1.2267
80 49.3 101.5 6*689 0*4603 1.0237
60
■>
39*4 47.0 13.17 0.3480 0.7740
40 66*6 24.0 24.35 0.2932 0.6521
20 72.8 13*8 40.49 '0.2565 0.5705
The data for dielectric constant are those of Ilcerlhf (32)*
The data for ‘viscosity are those of the International Critical 
Tables (IB).
* 0n and nj&" give the constants for a uni~univalent electrolyte
in the Onsager equation t- *—
A « Aq - (0 + C
’♦A* gives the constant for a uni-univalent electrolyte in the
Bebye-Hficlvel limiting law t —
lOg t A - - A^I
TABLE M
ihe costmcTXTiyr op silver wngsAms is  AQPEOtrs
EEHYLESE GLVCOI, MIJMJHES AH 25°C
$&ge
Glycol K0 K V I
. ..... .
rl
— -----
±.xio~
D
pK
ICO 9*14 0.109 1.553 4*57 1*98 2 *65 0.963
90 13*27 0.177 1.838 4.04 1*78 2.29 0.753
SO 19.00 0.120 1.929 ■ 2.28 1.68 2.03 0.922
60 34.62 0.242 1.627 2.07 2.00 1.68 0.6l6
40 37*76 0.725 1.386 2.83 2*36 1.50 0.141
20 
__ _
91.17 0.277
... .....
1.258 1.25
_______
2.60 1.37 0.553
THE COrotTCglYIiTY 0? i'IZYSR KITBAgE i n  nm tVESS GLYCOL 
SGOTSIOTR COBtAIWHTO SOME PYBIDIEB BASES AT 25°C
,— ..r .     t -t t —  —  - . . i . . . . -  i p - - -  —  ■ - r - n r — — - -— »i-irTniirr - n  m - r r i S ir m  T n ^ n r iu . M  h  ■  n i w Tiiiii'i u l r  t m . m  ir~
$ege
base 0 K M aX rX
u
Pyridine 6.93 0.0803 1.254 3.39 2.60
1 .62#
Quinoline 6.3S 0.7127 1.154 6.92 2.82
TABLE 55
WA1DE3 PEQDTO5S USD BISSOCIAIIOW COftSSAS'TS JOB SILVERmuiimmnmnummmmmtmm  . .      n m u  m a n .w m i ■ m n n n » w < W M . n ,m a w i K i i   m u* « w + n i . » im i » « i  m m  T 'ih — i i h w iiiihiw imi— n  n w  m r . n i—
BITRATE 13 SCSffi HYUROXYtlC B0LYE3TS AT 25°C
Solvent •a K PK 13
1  ^~x!0
D
Eeference
Ethylene
glycol 1.63 0.11 0.96 37.7 2.65 *
Water 1.19 1.5 -0*18 78.6 1.27 59
Methanol 0.605 2.05x10 1*59 31*5 3.17 37
Ethanol 0.485
-3
4.42x10 2.36 24*3 4.12 38
♦Present work*
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THE COTJUCTITIIY OF SILVER WIIBATB 1ST 
ETHTLEHE G1YCOI, SOLPTIOWS AT 25°C
C x 104
/—»
J C  x 10 A
0.5445 0.7379 9.05
1.5441 1.2426 8.99
2.0933 1.4471 a.99
2.8933 1.7011 8.93
4.3172 2.0779 8.89
6.5399 2.5671 8.84
9.5209 3.0856 8.76
11.648 3.4130 8.73
13.941 3.7338 8.6?
16.416 4.0516 8.63
18.932 4.3511 8.59
21.919 4.6318 8.55
24.427 4.9423 8.51
28.170 5.3075 8.47
TAJBLE 53
SHE C05H5TTCTITX2Y Of SILVRH JSIIKASE .W.. ESHYLENE GLYCOIi
AMP THE SHEBIOVSCT EXmPOXailOY PtIHCTIOHi
CxlO4 sfc) CXL J9»2£7 102/AS$s) ACf|s(jB)xl05
0.5445 1.0085 0.9964 0.9494 10.957 0.472
1.5441 1*0143 0.9355 '0.3163 '10.966 1.290
2.0933 1*0167 0.9978 0.9031 10.941 1.728
2.8933 1.0196 0.9940 ' 0.8373 10.983 2.338
4.3172 1.0240 =■ 0.9938 0.8639 10.985 3.396
6.5899 1.0296 0.9936 0.8349 10.987 5.008
9*5209 1.0355 0*9903 0.8053 11.024 6.955
11.648 1.0392 0.9304 0.7371 11.023 8.317
13.941 1.0429 0.9871 0.7699 11.060 9.704
16.416 1.0466 0.9860 0.7531 11.072 11.166
18.932 1.0500 0.9847 0.7376 11.087 12.595
21.919 1.0537 0.9335 0.7209 11.100 14.236
24.427 1.0566 0.9316 0.7081 11.121 15.552
28.170 1*0603
. ............
0.9809
t... . .. .... .
0.6903 11.130 17.472
A- > Z &
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JABLE 59
M E  COTOtTCglYItY OF SILVER NITRATE IS 90# EEHYLETO GLYCOL-
10# WAIBS (m/w) MIXTURES JkT 25°C
C x 104 J C  x 102 A
2 * 0491 1.4314 13.11
2*7809 1.6675 13.07
3.6494 1.9093 13.01
4.8613 2.2048 12.95
6.3110 2.5122 12.92
7.5620 2.7499 12,87
9.2355 3.0390 12.83
11.146 3.3385 12.79
12.572 3.5457 12,77
15.560 3.9446 12.72
13.680 4.3221 12.67
SABLE 60
m e  corotrcTivirr o? silver wiirate nr
10# WATER AND THE SBEDLOVBKX EXTHATOI
ETHYLESE GLYCOL -
AY ION FUNCTIONS
CxlO4 S$s) D C .2
..................................f* .. 102/Sfc)A ACf|sfe)xl05
2,0491 1.0135 1.0013 0.3224 7.5262 2.511
2.7309 1.0157 1.0004 0.9102 7.5330 3.360
3.6454 1.0179 0.9979 0.8930 7.5512 4.445
4.3613 1.0207 0.9961 0.8332 7.5654 5.674
6.3110 1.0237 0.9967 0.8680 7.5609 7.245
7.5620 1.0253 0.9949 0.8566 7.5746 8.552
9.2355 1.0236 0.9954 0.3428 7.5775 10.272
11.146 1.0314 0*9941 0.8233 7.5803 12.186
12.572 1.0333 0.9344 0.8190 7.5736 13.586
15.560 1.0372 0.9942 0.8010 7.5803 16.441
18.680 1.0407 0.9936 0.7842 7.5350 19.313
A R q
CoMfrUOmvtTY OF <b!L.\/£R. N iTRAT g W
gq^ £THYU£N£ Qlx<jOU -2 0 %  Hgrts. H W O  Rj£ £ AT X?S*C
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 —  'TK^v&r^i'kiJ 0**£A^ r Sl0^
18*0
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THE CQKPPCTIYITY OP STITCH HITRATE IN 30# BIHYIBTB GI.YC01-
20# MTBR (w/y) MIXTtlHES AT 25°C
C x 104
0
J 0 ~x 10 A
1.7053 1*3060 18.84
2.5004 1*5812 18.71
5.3260 1.8237 18.67
4.3733 2.0926 18.59
6.1499 2.4799 18.50
8.0632 2.8396 18.47
9.4954 3*0815 18.40
11.613 3*4086 13.32
13.432 3.6650 18.30
18*526 4.3042 18.16
THE COTOITCglYITY OF SILVER TITRATE IfT ?0'/ EgHYLBKTS GLYCOL - 
20# WATFR AWD SHE SHEDLOYSKY EXTRAPOLATION EWCIIONS
CxlQ4 sfe) o C J2.± ... .... 1G2/AS{&) ACf2Sfe)xl05
1.705B 1.0106 0.9995 0.94030 5.2521 3.054
2.5004, 1.0128 0.9947 0*9283 5.2773 4.398
3.3260 1.0147 0.9945 0.9178 5.2737 5*782
4.3733 1.0169 0.9323 0.9064 5.2889 7.503
6.1499 1.0200 0.9906 0.8902 5.2944 10.330
8.0632 1.0229 0.9918 0*8752 5.2929 13.332
9.4954 1.0249 0.9899 0.8654 5*3023 15.497
11.618 1.0275 0.9381 0.8524 5.3124 18.641
13.432 1*0296 0.9891 0.3421 5.3073 21.313
no proC.X -<4 t .V A ■ i^JL^ J0312 ._G*3S£4__ s u a m ___ __5*5220 28.457
A F i q  4 4
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TABLE 63
THE CQWDtTOTIYITY OF SILVER SIT RATE It 60% ETHYLEME glYCOL-
40^ VATEB (w/w) MIXTUBES AT 25°C
0 x 104 Jo x 102 A
1.0835 1.0433 34.37
1.6397 1.2805 34.30
2.4193 1.3556 34.17
3.2370 1.7391 34.11
4.5033 2.1234 34.04
6.6016 2.5693 33.90
3.3693 2.8931 33.79
10.774 3 *2825 33.64
13.632 3.6922 33.55
16.236 4.0293 33.44
20.191 4.4934 1 33.31
THE COtB&lTCIIYt'JY OF SXLTEH TITRATE IH 60:* ETHYLENE GLYCOL - 
ABD THE SHEKLOTSKT EXTHAPCLATIOJr HffiCTIOJI
CxlO4
BfeftMH0HMCOBIPS!^ttRCMB&9t£NNM8
____ sfel__ [ ^  _ jjtC.x „u X02/ASfe) ACffs(z)xl03
1.0885 1.0076 0.9999 0.9635 2.8876 3.632
1.6397 1*0093 0.9997 0.9554 2.8836 5.423
2.4198 1.0113 0.9979 0.9461 1 2.8939 7.911
3.2370 1.0131 0.9979 0.9379 [ 2.8938 10.491
4.5088 1.0154 0.9931 0.9272 | 2.8932 14.443
6.6016 1.0187 0.9972 0.9126 2.3957 20.805
8.3693 1.0210 0.9962 0.9002 2.8986 26.050
10.774 1.0239 0.9946 0.8899 2.9033 33.023
13.632 1.0268 0*9943 0.3769 2.9023 41.184
16.236 1.0292 0.9938 0.8666 2.9056 43.423
20.191 1.0326 0.9932 0.3525 2.9073 59.202
GoN>OC_T7 V t T X  O F  % /C .Y S K . N  t ~ T * J k T g  ! H  c
' f o X  Z T H Y L E H Z  S L Y C o l  -  6 o %  WATER M l X T U Z &  A T  ^ 5  C
ExptrimtnliJ
"TKei>reJTcjJ 0 Slo^ 1
ITS
/ h
F»s 4 7
BETEK^ UNATieM OF A, FoE. SMkvCK WjTRATE »K»
4 0^Yo GTHYLENt 51.YCAU — £ o %  WAT£< NlXTOft.ES EY TM* 
EXTRAPOLATION NETHofe of SMR2>LoVS*r
D IB  C O H P C C rm tY  pg S IL T C 3  S IS H 1X 5 IK  4-O^EXHXLET{B GIiTCOI-
oSO'J? tfASES iVw) HIZXTJHE3 A3 25''C
G x ID 4 Jr— pJo x  10‘‘ A
0.5056 0.71104 57.47
1.1789 1.0353 57.38
2.0158 1.4133 57.15
3.2161 1.7933 57.00
4.2185 2.0533 56.95
5.3618 2.3155 56.80
7.4443 2.7234 56.52
10.178 3.1900 56.34
12.543 3*5423 56.25
15*034 3*8837 56.12
19*312 4.3345 55.36
25.813 ...Si.MLQZ___ .55JE2L-
f ABI,f> 66
t h e  ccflm rcirrm r o? r x i t e b .  n itra ts  n? w %  m r m m  glycol  -
"  4 ‘CxlO sfe) O C ti
■ &TA.dk
102/A3fe)
A. JL. -*
ACf?Sfe)xl03
0.5056 1.0051 0.9994 0*9783 1.7312 2.859
1.1733 1.0077 0.9999 0.9678 1.7294 6.593
2.0153 1.0102 0.9938 0*9583 1.7321 11.152
3.2161 1.0128 0.9938 0.9476 1.7322 17.594
4.2185 1.0147 0.9993 0.9402 1.7305 22.913
5.3618 1.0165 0.9989 0.9400 1.7320 23.879
7.4443 1.0195 0.9369 0.9214 1*7355 39.525
10.178 1.0227 0.9969 0.9083 1*7355 53.294
12.543 1.0253 0.9978 0.8992 1*7339 65.072
15*034 1.0277 0.9973 0.3900 1*7339 77.428
19.312 1.0314 0.9968 0.8765 1.7357 97.530
^ 3 1 2  . l.i.03£2_-a. a m .,,0.8612__ __2.7351- — 12S,.12-----
fJL
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C O N W J W IV IT Y  © F $S4»V>Sg. N I T W 6
ZO%ESHY L,£H£ q u 9“o% WATE* NlVTDftE* *T ^ 5>C
Os*&a^ s* SUfC
4c m o 1
F.q 49
&aT*$tnm&m&n ©? f©&. si^ vsa w strata w
2,0% £THYLE»e ^VCOL — g o ^  wPCf£K MixTv&ES, By 
T^£ exT«AT*©i*/m©N NgT#©£> OF %H£Y»ajOV$KY
—H o o
T  A e C S ^ x / ^  f ®
she casmcrznrr of silyie b i t o  xb 20s* r a n a  glycoi-W >M W ll|fll—  IMll.  I MM—W *W IM «W g»i I IIIII I II   11* 11*—W»— IW l l IHMIUI Will HL. ftrn— mii.r •*' m m I'WioBW. W llW |lWllK IIW. ^ ^ ^ M — '’»l»W ln«»Mr«M)l M»<>W«W.»l*l»IWW»i<dWiWli3rW<ra t^t>lWW Jr ' ‘1W iW»i
80^ WATE3 (v,-A:) MIXTURES Af S5°C
C x 104
m m i m  ry
V O X  10c A
1,1165 1.0566 90.59
2,0465 1,4306 90.2?
5.2762 1.8101 89.33
4.5931 2,1431 89,59
6,2041 2.4908 09.39
7.3303 2.7534 09.25
9.0771 3.0128 09.06
10.770 3.2820 08 * 82
12.147 3.4852 08.62
13.303 3.6473 08.52
14,886 3,8534 08.37
17.381 4.1690 08.17
THE CO’JCTJCglYITY OF SIXVBB BIKiUJg XB 20$ EfCTLBSTB GLYCOL -
30^ 1A7FH AIS TEE SHSPL07SKY SXIflAFCLATIOTT FUXCXrOS"'SsMSi
I 4 CxlO
V i  d t * k  '•** **-<* +* b
sfe) o c *2X 4.
a * ,  v -  ' «  * *  w  j * v  v *
IoV as b^)
A ^ W A *  « v /
ACf+S^)xl05
1.1165 1.0074 €.9396 ' 0.3726 .1,0953 9.910
2,0465 1.0093 0.9985 0*9631 1.0969 17.969
3.2762 1.0127 0.9364 0.9537 1.0933 28.423
4,5931 1.0150 0.3360 0.9454 1.0997 39.485
6,2041 1.0174 0.9961 0.9368 1,0936 52.856
7.5808 1.0193 0.9964 0.9303 1.0992 64.181
9,0771 1.0210 0.39 60 0.9241 1,0397 76.271
10,770 1.0229 0,9951 0.9176 1.1007 89.787
12.147 1,0243 0.9942 0,91.28 1.1016 100.65
13.303 1.0254 0,9942 0.9089 1.1017 109.75
14.886 1.0269 0.9939 0.9039 1.1020 122.11
17.381 1.0291 0.9333 0.8966 1.1021 141.40
A Fic, S O
7 5
Co^K»u<JT»V5Tr OF Sl<-vE<. N  «T8.ATs Iri
99^ ETMYA£n£ ^YCOt.- l7o PY£j£*NC HlJCTOAES *& Z S  C
—  ------- — Oc*s^&r
£•0
3  i
; 4L * go
ioV  F.c 5* I
* k  S & )  At> £ T £ iC N » H A T )O N  OY /^0 F oR . SJk.tfE.fe.. N  iT S C A T ff IN
99%KTJ«rk£M£ f % ^ )^D»fi£ Ml^ TUJLES BY TW£
EXTR.AFOLAT/0N M fTH ot>  o f  S H &£>U£iV%KY
gHB CONWCTITirr O f SISTER n i f S A T E  j y j 99# ICTHXBffS GXYCOL- 
1# PYRIDINE ( w /vr) MIXTURES AT 25°C
C x 104 yc'x 102 A
0.4483 0.6696 6.89
0.8781 0.9371 6.86
1.3082 1.1437 6.82
1.7802 1.3343 6.73
2.6788 1.6367 6.77
3.4844 1.3667 6.73
4.3143 2.0772 6.71
6.1463 2.4792 6.69
7.6113 2.7589 6.62
9.2300 3.0381 6.59
12.370 3.5170 6.55
18.251 4.2720 6.48
IHB CONVUCTiriTY OP SILVER STITRASB IT 99# EIHYLBTE GLYCOI - 
1 % rYBIPIWE ATP THE SHEPLOVSgT BXIRAPOIAIHOU rUTCTIOKS
4,
CxlQ Sfe) o£ JSL_____ 102/ASfe) ACf|$fe)xl03
0.4483 1.0087 0.9986 0.9529 14.383 0.2972
0.8781 1.0122 0.9977 0.9361 14.401 0.5708
1.3032 1.0149 0.9945 0.9227 14.447 0.8355
1*7802 1.0173 0.9310 0.9106 14.499 1.1181
2.6733 1.0213 0.9934 0.8913 14.453 1.6509
3.4344 1.0243 0.9904 0.8772 14.505 2.1071
4.3143 1.0269 0.9900 0.8644 14.512 2.5697
6*1463 1.0322 0.3922 0.8402 14.432 3.5661
7.6113 1.0357 0.9351 0.8244 14.536 4.3024
9.2300 1.03 93 0.9341 0.8184 14.601 5.1735
12.370 1.0455 0.3339 0.7320 14.603 6.6240
18.251 1.0553 0.9325 0.7413 14.624 9.2599
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THE CQOTJCTITOY 0? SILVER '-TITRATE IN 98.38# BTHXIKSTB GLYCOL- 
1.62# QUINOLINE (w/w) MOTTOES AT 26°C
C x 104 n  io2 A
0.7335 0.8564 6.30
1.4123 1.1883 6.27
1.9536 1*3993 6.25
2.5077 1.5835 6.26
3.3541 1.8314 6.23
4.2211 2.0545 6.21
5.3657 2.3165 6.19
6.1780 2*4855 6.17
7.4195 2.7238 6.14
8.8633 2.9772 6.13
11.168 .. __6.03
THE COWDTCTIYITY OF SILVER NITRATE IN 98.38?£ ETHYLT.HK ffT.VCOT, -
1.62& QUINOLINE AITP THE SIIEDLOVSgY EXTRAPOLATION FUNCTIONS
CxlO4 sfe) o c JS. 102/ASfe) ACf2Sfe)xlo"
0.7335 1.0117 0.9990 0.9414 15•689 0.4401
1.4123 1.0161 0.9986 0.9097 15.696 0.9185
1.9536 1.0191 0.9933 0.9061 15.701 1.1304
2.5077 1.0215 0.9999 0.3943 15.637 1.4341
3.3541 1.0249 1.0008 0.8788 15.662 1*8821
4.2211 1.0230 1.0006 0.8651 15.664 2.3312
5.3657 1.0315 1*0008 0.3493 15.662 2.9097
6.1780 1.0338 0.9998 0.8393 15.676 3.3073
7.4195 1.0371 0.9981 0.8254 15.704 3.8999
8.8638 1.0405 0.9997 0.8107 15.679 4.5833
11.163 1.0454 0.9979 0.7903 15.703 5.6191
GEKERAL CQffCXflTSIOWS
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GEBTERAX C CTOXUS IONS
fhe work described in this thesis was carried out 
in order to investigate the behaviour of electrolytes, both 
in pure organic solvents and in binary mixtures*
Many attempts have been made in the past to 
establish a relationship between the observed conductivity 
and the viscosity and dielectric constant of the solvent 
medium, and to determine the role that solvation plays in 
such systems*
Much of the theoretical treatment of the behaviour 
of an electrolyte in solution has been based on the so-called 
*sphere-in-eontinuum* model but this model suffers from a 
number of defects* One of the main points in which such 
a model is likely to fail to reproduce experimental 
conditions will be in the fact that the values of the 
dielectric constant and the viscosity as measured for the 
bulk medium may not be the operative values in the 
electrolyte processes. Changes in the dielectric constant 
will effect the association-dissooiation process and thus 
the distance of closest approach of the ions, whereas 
viscosity changes may be shown by the Walden product AQ^1•
•149
Another factor which will effect these processes 
will he the solvation of the ions. As well as increasing 
the effective size of the ions* preferential solvation* In 
the case of mixed solvents, may cause a change in the 
dielectric constant and viscosity in the neighbourhood of 
the ions. A comparison of the hydrodynamic ally and 
electrostatically equivalent spheres may give ©n indication 
of any solvation changes which are taking place.
In the investigation of such factors, difficulties are 
likely to he encountered since the variation of one factor, 
such as dielectric constant of the solution* may result 
in the variation of other factors, such as viscosity and 
solvation, and therefore each solvent-solute system must 
he considered on its own merits.
Silver nitrate was chosen as the electrolyte for 
these studies since it is reasonably soluble in many 
organic solvents and it is known that the silver ion 
interacts strongly with certain organic molecules.
Ihe behaviour or silver nitrate in pure acetone 
solutions could not be interpreted on the basis of the 
ion-pair association process being governed purely by 
electrostetic forces, and it was suggested that other 
forced played a predominant part in the association process,
-15 0-
The possibility of triple-ion formation cannot be ruled 
out and such ions were shown to have © finite existence 
in acetone solutions*
In the case of aqueous acetone solutions, it 
appeared that as the water content of the solution was 
Increased, the association process was more nearly 
governed by the electrostatic forces between the ions and 
the effect due to other inter-ionic force© was only 
significant in solutions containing less than 10$ (w/w) 
water. However, a contributory factor might be the 
preferential solvation of the Ions by the more polar 
water molecule© and this was indicated by the values of 
the product which showed considerable variation in
solutions containing more than 10$ (w/w) water. This may 
be taken to indicate that changes take place in the 
solvation sheath of the ion. Dissociation of the 
electrolyte appeared to be complete in solutions containing 
more than 50$ (w/w) water, that is, for solutions having 
a bulk dielectric constant greater than 50.
She Agf ion is knov?n to form stable complexes 
with many pyridine-type bases and this fact was used in 
an attempt to investigate the effect of ion size on the 
association process. It was found that the dissociation
-1 Sl­
ot the electrolyte was governed to some extent by the 
tonic size though the strengths of the added bases may 
also play some part in the dissociation process#
fuming to the behaviour of silver nitrate in 
other solvents, the dissociation constants for this 
electrolyte were compared in a variety of pure end mixed 
solvents ^having similar bulk dielectric cons tents but 
having widely divergent ion-solvent interactions*
By this means, it was shown that specific ion-solvent . 
interaction could be detected end to some extent the 
degree of solvation would be indicated by the values of 
the distance of closest approach of the ions and by the 
product A0
On considering silver nitrate in some pure solvents 
of the seme type, that is in four hydroxylic solvents, 
it was found that the electrolyte dissociation process 
would appear to be controlled largely by variations in 
the bulk dielectric constant• However, in binary 
mixtures of two of these solvents, namely in ethylene glycol 
and water mixtures, it was found that no such simple 
relationship held and it was suggested that this might 
be the result of preferential solvation by water molecules*
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It would thus appear that for a satisfactory 
Interpretation of experimental results, factors such as 
the variation of the physical properties of the solvent 
in the neighbourhood of the ions and the specific ion- 
solvent interaction must be taken into account*
Each system must, therefore, be considered on its own 
merits and attempts made to explain the results in the 
light of differences which are likely to exist between the 
classical model end the true nature of any real solution.
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APPEHBICES
I FBBFCIPAL STMB01S USD COHSTATTS USED
II TBtE BXTRAFOIiiTIO?? METHOD OP SBSDLOVSET
III THE EXEBHTM EaWIIOS ?oa IOSIC association 
IT THE USE OF CABPET S3/PH3
V THE METHOD OF LEAST SOTTASES
APPENDIX I
principal symbols and oommmn  used
Constant of Debye-H&ckel equation for activity 
coefficients#
Distance of closest approach of ions (in 2).
Onsager slope#
Concentration in moles per litre (molarity)*
Dielectric constant.
Electronic charge (4.8 x 10-10 e su).
Earsday (96,488 c oulombs)•
Activity coefficient*
Ionic concentration#
Ehermodynamie dissociation constant#
«*16Boltzmann constant (1.33 x 10 erg deg ).
Avogadro number (6.03 x 10^).
n n
Gas constant (1.985 cal deg mol ).
Ionic radii from Stokes hydrodynamics (in cm). 
Absolute temperature (298.1°)
Algebraic valencies of cation end anion respectively.
Degree of dissociation.
Cell constant#
Viscosity#
Equivalent conductivity of electrolyte*
Equivalent conductivity of electrolyte at infinite 
dilution#
Ionic equivalent conductivities#
Constants of Onsager equation.
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THE EXTRAPOLATION METHOD OF SHEPLOYBKY
For a completely dissociated electrolyte at 
high dilution, the conductivity is given by t~
Ihere b « (0 + « Onsager slope*
She&lovsky (62) proposed an extension to the 
Onsager equation which was valid for ltl electrolytes 
up to a concentration of C « 0.01. Xhis equation 
may be written
where b « Onsager slope.
Ac « Observed conductivity at concentration C.
'o
1
In the case of a week electrolyte, where the degree 
of dissociation is the observed conductivity, A, 
is given by »-
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From equations 1 and 2 a quadratic equation is obtained 
of the fo rm  i -
oC « J L  +
0
* a /oC c 
n)2 *
Solving thie quadratic for oL in -terms of the variable z
defined as *-
Z  as b
M M M *
/AC •3/2
then we obtain »~
c/= JL
A.
z
/ ^ § _ a J L  Sfe) 
Ao
where S<p) as z J1 +
Shis function of z may be expanded to give t -
£  2
& ( ? ) * 1  + Z + 75- * *|p
for small values of z. Horm&ly it is only necessary 
to employ the first three terms of this expansion to 
evaluate Sfe). Talues of Sfe) have been tabulated by
V a l u e s  o f  t h e  S k s d l o v s k y  E x t r a e o i . a i  n  >\ F u . v c n u x ,  .S{z'
s 0.000 0.001 0.003 0.003 0.004 0.005 0 (WO 0 (W7 0 uus 0 (XX! Diff
.000 1 0000 1.0010 1.0020 1.0030 1.0040 1.0050 1 0060 1 0070 1.0080 1.0090 10
.010 1 0101 1.0111 1.0121 1.0131 1.0141 1 0151 1.0101 1 (1171 1 0182 1 0192 10
.020 1 0202 1.0112 1.0222 1.0233 1.0243 1 0253 1 0203 1.0274 1 0284 1.0294 10
. 030 1 0305 1.0315 1.0325 1.0335 1.0346 1 0356 1 0307 1 0377 1.0387 1.0398 10
.040 1 0408 1.0418 1.0429 1.0439 1 0450 1 0460 1 0471 I .0481 1 0-492 I 0502 11
.050* 1 0513 1.0523 1.0534 1.0544 1.0555 1.0505 1.0570 1 .07*80 1 0507 1 0608 11
.oeo 1 0618 1.0629 1.0640 1.0650 1.0661 1.0671 1.0682 1 0093 1 0704 1.0714 11
.070 I 0725 1.0736 1.0746 1 0757 1.0768 1.0779 1.0789 1 0800 1 0811 1 0822 11
.obo t 0833 1 0843 1.0854 1.0865 1 0876 1 0887 1.0898 1 0909 1 0920 1.0930 11
.090 1 0941 1.0952 1.0963 1.0974 1 0985 1. 0996 1.1007 1 1018 1 1029 1 1040 11
100 1 1051 1.1062 1.1073 1 10B4 1 1095 1 1107 1 1118 1.1129 1.1140 1.1151 11
.110 1 1162 1.1173 1 1184 1.1196 1.1207 1.1218 1.1229 1.1240 1 1252 1.1263 11
120 1 1274 1.1286 1.1297 1.1308 1.1319 1 1331 1.1342 1 1353 1 1365 1 1376 11
130 1 1387 1.1399 1.1410 1.1421 1 143 3 1 1444 1.1456 1 1467 1 1479 1.1490 11
. 140 1 1501 1.1513 1.1524 1.15=36 1.1547 1.1559 1.1570 I 1582 1 1594 1 1605 12
. 150 1 1617 1.1628 1.1640 1 1652 1.1663 1.1675 1 . 1686 1 1698 1 1710 1.1721 12
10$) 1 1733 1.1745 1.1757 1.1768 1.1780 1 1792 1.1803 1.1815 1.1827 1.1839 12
. 170 t 1851 1.1862 1 1874 t . 1886 1.1898 1 1910 1 1922 1.1934 I .1945 1.1957 12
. .180 1 1969 1.1981 1 .199-3 1.2005 1.2017 1.2029 1.2041 1 2053 1 2005 1.2077 12
190 1 2089 1.2101 1.2113 1.2125 1.2S37 1.2149 t 2161 1 2174 1.2186 1.2198 12
.200 1 2210 1.2222 1 2234 1.2246 1.2259 1 2271 1 22,83 1.2295 1.2308 1.2320 12
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Deggett (92) ( see table ot>posite) and these values were 
used in the calculations in this thesis#
How 8 -
2 2 - OCX Q £%
1 -06
where K « Hhermodynemic dissociation constant* 
fActivity coefficient.
combining equations 5 and 4 we obtain t-
i l ■ Ck c fi s &Oj — - as r r.: 4* . |.Tir - .
ASfe) A0 K
1 2On plotting — —  against ACf^ Sfe), a straight line
iiS ty) -
should be obtained, having a slop© of —-— and an
n & Art
intercept of •
Ao
To obtain the values of both and K« a serieso r
of successive approximations is required. A rough value
of AQ is obtained by extrapolation of the A - curve
and this value leads to approximate values of z and hence
, oC oCSty) end • This value of is then used to calculate
f* from the Bebye-Hftckel limiting law i-
-158-
log f £ * - aJ oco
fhe values of A, C, Sfe), and OC are then used to make the
above plot, from the intercept of which a new value of Aq
is obtained, This is then used to re-calculate SfeO, OC ,
and f4, and these lead to a better value of A^. fhis — o
procedure is repeated until self-consistent values of Aq
are obtained. From these final values, Aa is obtained0
from the intercept and from the slope, the value of K is 
calculated.
Fuoss and Shedlovsky (84) have compared the different 
values of K given by the Fuoss and Kraus method (43) end 
the She&lovsky method (62) end have concluded that the 
latter is to be prefered when 10" ^ K  ^,1 * though 
for K ^.0*^ the difference is negligible. Hence, the 
extrapolation method of She&lovsky w^s used to determine 
all values of AQ and K given in this thesis.
-0000O0000-
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A P v m m z  i n
THE BJBRHTJM EQUATION' FOB IONIC ASSOCIATION
The theory of Bj errum (14) was developed from the 
consideration of the factors which determine the extent 
of ionic association or, more particularly, the formation 
of ion-peirs under the influence of Coulombic forces*
A simple model is assumed in which the ions are 
taken to he rigid unpolerisable spheres contained in a 
medium of fixed macroscopic dielectric constant, Hon-polar 
quantum bonds between the ions as well as ion-solvent 
interactions are excluded end the potential energy of the 
ion-pairs, E(r), is given as P function of the intra-ionic 
distance, r, according to Coulombs law by the equation t-
2
E(f)
where the symbols have their usual meanings, Bjerrum1s 
treatment resulted in a distribution such that the majority 
of the ions are paired either at rather short distances 
or at distances sufficiently great that the ions may be 
considered to be free. At intermediate distances, the 
population is small, the population minimum occuring at
-160-
distance q defined 1/ t-
z-. z9 e*
r(min ) ss q ss — .i—
2 15 It T
Where k » Boltzmann constant.
Thus ion-pairs are considered es associated when r < q  
end as free when
On the basis of these considerations, the degree 
of association will be given by i-
( ! - < * ) 4"^ KC
»» —
Z1 Z2 e2
1000 D k T
Q0>)
where Q(b) eY Y"4 dY
2
Y Z1 z2 e
r D Jr T
b s
a D k T
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The equilibrium constant for the formation of 
an ion-peir is given by t-
•1 f± ( 1 -OC)
K » ------- --— -
t  f_ OC2 C
At low concentration, the activity coefficient ratio
2approaches unity, oC approaches unity, and therefore t-
( 1 -OC ) .-1
Thus s-
1000
e
1 2 
B k l
Q(b)
The values of Qfe) end b have been tabulated by 
Bjenum (14) and by fuoss end Kraus (44) and also by 
Kobinson and Stolces (115) from which a plot of log Q(b) 
against log b may be constructed.
If numerical values of the constants at 25°C be 
inserted in the above equation, then *-
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- log K » 6.120 - 3 log 3) ■+* log Q(b)
- log b » 5*254 + log D 4- log a
Substitution of the values of K and B make it possible 
to determine the value of a, the distance of closest 
approach of the ions in the ion-pair,
To obtain approximate values of a, use was ras.de 
of * carpet graphs1* end these are described in Appendix IT.
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APPEWDIX IT
THE TJBB OF CARPET GRAPHS
In order to obtain an approximate value for the 
distance of closest approach of the ions of an electrolyte 
of known dissociation constant in a solvent of known bulk 
dielectric constant, use was made of a so-called "carpet 
graph”, an example of which is shown in fig 54*
A "carpet” is a method of plotting a function of 
two Independent variables and was first developed for use 
in aeronautical engineering by the national Physical 
Laboratory and a description of such use was given by 
Yates in 1946 (ref 72).
In its application to the present problem, values 
of K and D were calculated for a number of fixed values 
of "a” using the Bjerrum theory as given in Appendix III.
If these values are plotted on conventional co-ordinate 
axes, a family of curves is obtained as shown in fig 55» 
each curve representing the variation of K with B for a 
fixed value of "a”* To obtain a "carpet”, these curves 
are re-plotted maintaining the same ordinate axis but moving 
the abscissa horizontaly unit distance for unit change in "a”.
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Points representing the seme values of I) ©re then joined 
end © graph of the type shown in fig 54 is obtained.
To obtain the value of "a” corresponding to 
experimental values of Z and B, the graph is used as 
follows.
In fig 54, the line GFH represents the variation 
of K between B*20 and B~30 for a value of a=l.52•
This line can be accurately sub-divided for unit change . 
of B since the points G end H are separated horizontaly 
by a known distance. Thus the point I' represents a 
dielectric constent of 24. Similarly A, B, C, B, end E
©Iso represent B»24 for values of *a" of 42, 3*52, 32,
2.52, end 22 respectively. If these points ©re joined
by a smooth curve, a line is obtained which represents a 
dielectric constant of 24. If the dissociation constant
of an electrolyte in a solvent of dielectric constant 
B= 24 is, say, 1.8 x 10 , that is pK=2.75» then the value 
of "a" obtaining in such a solution will be given by the 
point I. The distance BE represents a change of 0.52 
©nd therefore B lies on a line for which "a* is 2.252.
This is the required value of "a”.
More accurate results may be obtained by using
-165-
the Bjerrum equations directly hut this tends to he time 
consuming and therefore "carpet graphs" were found to he 
useful when an approximate value of "a" was required.
-ooooOoooo-
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APPBHPIX Y
THE METHOD Of LEAST SQUARES TO OBTAIN THE BEST STRAIGHT
I.HSTS Til HOUGH EXPEBIMEWIAI POINTS.
In the determination of A0 and K by the Shedlovsky 
extrapolation method, it was necessary to obtain the slope 
and intercept given by the experiments! points end the 
method of least squares was used for this purpose.
Adopting the mean of a population ©s a represent­
ative value, the number is used from which the sum of the
squares of the deviation© is least.
Taking two variables (x, y) of which n observed
pairs of values are (xx y ^ ,  (xg y2 )...........(xQ yn ),
and supposing that In theory these pairs should, end in 
fact nearly do, lie on & straight line, then this line 
will be of the form ?-
y = a + bx
The unknown constants a and b are to be determined on the
assumption that the sum of the squares of the residuals 
is a minimum, a residual being the difference between 
an observed value of y end its value given by the strei^it 
line for the seme value of x. This is the case when the
-167-
values of x are chosen and accurately known while the 
values of y are subject to error.
n 0
Then t- S » ^ ( y r - a  - b x r f
1
e* ^  g
for S to be a minimum j -  0 end _ •  » 0
a a b  b
That is i- - 2 ^  ( yr - a - b x r ) » 0
or ^ y r = na +- !)£xr ............... 1
Aa£ «- - 2 2  xr ( yr - s - bxr ) =
or xr yr *> xr + b£)  2
Let xf y be the arithmetic mean of the observed values 
of x and y.
Then equation 1 becomes t -
y s a + bx 3
This shows that the required line passes through the
-168-
centroid of the n points.
Eliminating © from equations 1 end 2 gives t
The value of the constant a is further obtained from 
equation 3•
Should the dependent variable be x, then the 
constant b is given by j-
2 y s - ylCy
b *  ;..  " n
xy - 3C ZxY
( For a more detailed treatment see Paradine and Hivett,
ref 104 )
-ooooOoooo-
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